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A B S T R A C T
In the introduction of this thesis thermodynamic and electrochemical studies on 
macrocyclic ligands related to those ligands investigated in this thesis are reviewed. A 
brief account on the progress made and the problems encountered in lithium battery 
technology are also presented.
Thermodynamic parameters of complexation (Gibbs energies, ACG°, enthalpies, 
ACH°, and entropies, ACS° o f lithium (hexafluoroarsenate, tetrafluoroborate and 
trifluoromethanesulfonate) and crown ethers (l-aza-12-crown-4 and 15-crown-5) in 
acetonitrile and propylene carbonate and (4'-aminobenzo-15-crown-5 and 4'- 
nitrobenzo-15-crown-5) in acetonitrile at 298.15 K derived from calorimetric studies 
are presented.
As far as l-aza-12-crown-4 and 15-crown-5 are concerned the complexation 
processes are found to be enthalpy controlled. However, the stability (in enthalpic 
terms) of 15-crown-5 and lithium is slightly higher than that observed for the same 
cation and l-aza-12-crown-4 in both solvents. Based on the stability of lithium-crown 
ether complexes, six lithium coronand salts were isolated and their thermochemical 
behaviour in dipolar aprotic media investigated. Comparison o f solution enthalpies of 
these salts relative to those containig the free cation shows that while the former are 
endothermic, the latter are exothermic. This was taken as an indication that the lithium 
coronand cation is less solvated than the free cation. This statement was corroborated 
by the significant increase on the conductivity observed by the addition o f crown ethers 
to lithium salts in propylene carbonate.
From complexation and solution data for 15-crown-5 and l-aza~12-crown-4 and 
lithium, enthalpies for the coordination, process in which the reactants and the product 
are in their pure physical state were calculated. These data combined with solution 
enthalpies for 15-crown-5, the uncomplexed and complexed lithium salts were used to 
derive the enthalpy of complexation of 15-crown-5 and lithium in tetrahydrofuran, a 
solvent of low permittivity.
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CHAPTER I 
INTRODUCTION
Chapter 1 Introduction
1. I N T R O D U C T IO N
This thesis is m ainly concerned w ith  therm odynam ic and electrochem ical studies 
in vo lv in g  lith iu m -cro w n  ether interactions in  non-aqueous solvents. Therefore, the  
in tro d u c tio n  w ill be presented under tw o  m ain headings
i)  C row n ethers and
ii)  L ith iu m  chem istry
U nder crown ethers, therm odynam ic and electrochem ical aspects o f previous w o rk  
related to  ligands considered in th is research w ill be review ed. U nder lithium 
chemistry an account on the progress made on battery technology w ill be m ainly 
considered.
1 .1 .  C R O W N  E T H E R S
1.1.1. DEFINITION
S ynthetic m acrocyclic polyether ligands in  w hich donor oxygens are arranged in  a 
rin g  in  w h ich  each donor atom  is separated from  the other by an ethylene 
bridge, (-C H 2-C H 2-) are called 'crow n ethers'. The donor atom s fo rm  a hole w hich  
can host m etal and organic cations. These complexes are know n as ‘ coronates’ .
1.1.2. NOMENCLATURE
In  order to  name the crow ns and related compounds, in  a sim ple way, the triv ia l 
name consist o f
i)  the num ber and k ind  o f attached hydrocarbon rings,
ii)  the num ber o f atoms in  the polyether ring,
1
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iii) the generic name for the class, ‘crown’, and
iv) the number of oxygens in the polyether ring
Representative examples are given in Fig. 1.1. The advantages o f this nomenclature 
become easily apparent when the trivial name dibenzo-18-crown-6 (3) is compared 
with its IUPAC name, 2,5,8,15,18,21-hexaoxatricyclo[20.4.0.0]hexacosa- 
l(22),9,ll,13,-23,25,-hexaene. Often acronyms such as 'DB18C6' are also used.
12-crown-4 (1) Benzo-15-crown-5 (2)
Dibenzo-18-crown-6 (3)
Dicyclohexane-18-crown-6 (4)
Fig. 1.1. Classical crown ethers (nomenclature)
1.1.3. SYNTHETIC DEVELOPMENTS
In an attempt to prepare vanadium containing catalysts for polymerisation, Pedersen 
found in 1962 that he made a discovery consisting of neutral compounds capable of 
interacting with alkali-metal cations and extracting them from aqueous to non-aqueous 
media. Pedersen named these new compounds ‘crow ns’ to avoid the complexity of
2
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their systematic chemical names and because these new entities could crowned and 
uncrowned metal cations without any physical damage. However, due to his 
attachment to du Pont, he was unable to publish this work until 19671. The first crown 
synthesised by Pedersen was dibenzo-18-crown-6, it was a 'chance discovery'. 
Pedersen wanted to prepare bisphenol 3 from mono-protected catechol 1 and bis(2- 
chloroethyl) ether 2. As a slightly impure sample of 1 was used (it contained some 
unprotected catechol), a small residue 4 (0.4%) of colourless crystals was obtained. 
This compound was very slightly soluble in methanol, however on addition of sodium 
salts, it dissolved surprisingly easily. The good crystallizability and the unusual 
solubility of this compound, arouse the interest of Pedersen. After subsequent 
spectrophotometric and analytical studies, Pedersen identified this substance as the 
macrocyclic compound 4. This molecule, which attracted attention in the first place 
because o f its ability to complex with alkali-metal cations, was named dibenzo-18- 
crown-6. The synthetic route used is given as follows,
IMaOH / nrBuOH >>-
H£>/H+
1
(wth unprotected catechol)
3 4
Fig. 1.2. Synthesis of dibenzo-18-crown-6
Following Pedersen's paper the synthetic developments in the area of crown ether 
chemistry proliferated. Almost immediately, a correlation between structure and
3
C hapter 1 In troduction
properties was sought, and all parameters in the crown ether ring were varied: size, 
molecular flexibility and type and number of donor sites in the ring. Bridges were also 
added, and, in some cases, the ring was broken to an open chain. Since then, a great 
variety o f macrocyclic ligands have been synthesised. The most commonly used crown 
ether is 18-crown-6 which has been the parent compound for the synthesis o f a 
tetrasubstituted macrocyclic structure from which molecules of bou qu et structure have 
been designed (Fig. 1.3). Jullien and Lehn2 synthesised these compounds as an 
approach to design artificial molecular structures which could be used as models to 
explain the channel transport mechanism which may occur between two regions 
separated by a membrane.
Fig. 1.3. Structure of a bouquet molecule
4
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Pedersen's discovery contributed to expand the work on cyclophan es  synthesised 
by Vogtle and co-workers3, prior to the crown ethers. The cyclophanes may be 
defined as a general type of macrocycles containing aliphatic and aromatic ring 
segments. Some o f these compounds contain heteroatoms, such as oxygen, nitrogen 
or sulphur (Fig. 1.4). Thus, in the strict sense, dibenzo-18-crown-6, may be 
considered as a heterocyclophan e.
Fig. 1.4. Some structures of cyclophane compounds.
The discovery of the crowns encouraged Vogtle and co-workers4 to expand their 
work on cyclophanes and a series of lieteroatom ic  crown class of compounds were 
synthesised. Some of these structures are shown in Fig. 1.5. The presence of mixed 
atoms with hard (oxygen and nitrogen) and soft (sulphur) donor properties makes 
these ligands suitable complexing agents for alkali, alkaline-earth and transition metal 
ions. The presence of intraannular substituents in these heteroatomic crowns led to the 
design o f important chrom oion ophorcs5. These are shown in Fig. 1.6.
A further development derived from Pedersen's discovery is that involving the 
synthesis o f macrocycles with different type and number of donor atoms, such as oxa, 
oxaaza, thiaoxa, thiaaza, and all-thia and all-aza crown compounds. (Fig. 1.7). These 
compounds are characterised for strong complexing abilities towards alkali and alkaline 
earth metal ions and consequently, their metal-ion complex salts have good solubility 
properties.
5
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Fig. 1.5. Structures of the first heteroaromatic crown compounds.
0
X= H, OCH3, SOCH3, 
COOCHs, CN, C6H5
0  O'
>0.
Fig. 1.6. I n t r a a n n u l a r  s u b s t i t u t e d  c r o w n  c o m p o u n d s .
6
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Fig. 1.7 Structures of different heteroaromatic crown compounds.
In order to prepare alike cheap crowns, a series of compounds were synthesised6 
which are distinguished by their notable lack of ring and bridge systems known as 
p od an d s  (Fig. 1.8). These are open-chain or acyclic macromolecular ligands able to 
arrange themselves in a cyclic structure around a metal ion through head-to-tail 
interactions. Podands were prepared by reacting derivatives o f catechol with 
appropriate organic chlorides in alkaline medium. This type of compounds had been 
known for a long time as polyethylene glycols7. Thus, compound 1 in Fig. 1.8 is 
known as pentaethylene dimethyl ether glycol. However, since simple glymes were not 
capable o f efficient metal-ion complexation8, the chemistry of crown ethers led to the 
synthesis o f specific or selective podands, especially those with terminal functions 
(such as 2 and 3) and pronounced lipophilicity (4). Podand 2, which ends with 
quinoline groups (n=2), is one of the most widely used podand compounds.
7
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F i g .  1 . 8 .  S t r u c t u r e  o f  s o m e  p o d a n d s
Chapter 1 Introduction
Another interesting type of macrocycles synthesised are the ’octopus molecules'. 
These compounds are characterised by the high number of coordination 'tentacles' (Fig. 
1.9) which make them efficient complexing agents and carriers for alkali and alkaline- 
earth metal cations. It has been recently reported that these macrocycles also host 
uncharged organic molecules.
OR O.
r f  o
S '  RO
R =  CH3j 11-C4H 9
Fig. 1.9. Structure of an 'octopus m olecule'
It is quite clear that Pedersen's discovery led to outstanding developments in the 
chemistry of crown ethers which range from molecules with ring sizes vaiying between 
12 and 60 (Fig. 1.10) to the more sophisticated structures described above.
9
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r ~ \  
0  0
O O'
V _ V
(i)
(4)
(2)
/  \  r
-O
O O'
Y _ ^
(5)
O
.0
o
.0 .
a
0 '
(3)
"0/  X Q/
o
 / 0X__/°'M>
(6)
Fig. 1.10. Crown ethers with different ring sizes and number of donor atoms.
Considering that the driving force for the synthetic developments in the area o f 
macrocyclic chemistry is the selective properties of these ligands for particular ionic or 
neutral species, in the following section representative thermodynamic data for cation 
complexation with crown ethers are discussed, taking into account factors such as
i) the relative size of the cation and the hole of the crown ether,
ii) the number o f donor atoms,
iii) the effect o f substituents in the macrocycle structure and
iv) the solvation properties of the species participating in the binding process.
i) R e l a t i v e  size o f  t h e  c a t i o n  a n d  t h e  h o l e  o f  t h e  c r o w n  e t h e r
It was suggested that the stability and selectivity of the complexes depend on the 
size o f the crown ether ring and the size of the cation, being the best bound cation that 
which fits best into the hole o f the crown ether.
10
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Diameters o f the alkali metal cations9, as determined from X-ray crystal structures, 
and hole diameters for various crown ether rings10, as estimated from CPK (Corey- 
Pauling-Kortum) space-filling models, and, in some cases, as determined from X-ray 
crystal structures are shown in Table 1.1.
The effect o f the match between cation size and the hole's diameter of the crown is 
exemplified in the stability constants (log Ks) of alkali-metal cations and various crown 
ethers (12-crown-4, 18-crown-6 and 21-crown-7)1348 in methanol at 298.15 K  (Table 
1.2). These data are shown in Fig. 1.11. The shape of the curve is determined by the 
relative differences in stability for the various complexes, providing information 
regarding the selective complexation of crown ethers and metal cations . Thus, for 18- 
crown-6 there is a 'peak selectivity' for K+, while for 21-crown-7, the curve is sloping 
to only one side ('p lateu  selectivity'), with the highest stability for caesium and 
rubidium and the weakest for sodium. The results also show that the 12-crown-4 
discriminate against the larger cations such as rubidium and caesium.
However, the lack of complexation of 12-crown-4 and lithium in methanol must be 
attributed to the relatively higher solvation of this cation in this solvent relative to 
sodium and potassium. Although a lot o f emphasis has been placed on the match 
between cation and hole of the macrocycle, many authors11,12 consider that this is an 
oversimplification of the complexation process where factors such as the solvation of 
the macrocycle, free and complexed cations are likely to play a predominant role in the 
binding process and this is discussed later.
11
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Table 1.1. Diameters of alkali metal cations9 and hole diameter o f some crown 
ethers10.
Hole diameter
Cation Diameter
(A)
Crown ether X-Ray Data
(A)
CPK models
(A)
Li+ 1.48 12-crown-4 . . . 1.2-1.5
Na+ 2.04 15-crown-5 1.72-1,84 1.70
K+ 2.76 18-crown-6 2.68-2.86 2.86
Rb+ 2.98 21-crown-7 ------- 3.40
Cs+ 3.40 24-crown-8 ______ 4.00
Table 1.2. Stability constants (log Ks) for complexes o f various alkali-metal cations
with different crown ethers in methanol at 298.15 K.
/------------------------ Crown ethers-—---------------------\
Cations Radii
(A)
12-crown-4 18-crown-6 21-crown-7
Li+ 0.74 ~0a ~0C __
Na+ 1.02 1.47b 4.36d 1.73d
K+ 1.38 1.59b 6.06d 4.22d
Rb+ 1.49 1.65f 5.32d 4.86d
Cs+ 1.70 1.65f 4.37e 5.01d
“Ref. 13 ; ‘Ref. 14; cR ef.l5  ; dRef. 16 ; eRef. 17; fRef. 18.
12
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7
6
5
U)
O 3
2
1
radii A
■ 1 2  crown4
■ 18 crown6 
-2 1 crown7
Fig. 1.11. Influence of the ring size on the complexation o f crown ethers with 
cations in methanol at 298.15 K
ii) E ffect o f donor atoms in crown ethers
The different nature of donor atoms in the hole of the crowns alters the complexing 
behaviour o f these ligands for metal cations. Representative examples taking a hard 
(Na+) and a soft (Ag+) metal cation and crown ethers containing different donor atoms 
are given in Table 1.3 where stability constants (expressed as log Ks) in acetonitrile at
298.15 K are listed19'24. Thus, the replacement of two oxygens in 18-crown-6 by 
nitrogens in diaza-18-crown-6 or sulphur in dithia-18-crown-6 leads to considerable 
changes in complex stability to the extent that the selectivity of 18-crown-6 for sodium 
with respect to silver is reversed in the case of diaza and dithia-18-crown-6 in this 
solvent. These effects are likely to be even more pronounced in solvents other than 
acetonitrile which is known to interact strongly with the silver cation.
13
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Table 1.3. Stability constants (log ICS) for the complexation of various crowns and 
sodium and silver cations in acetonitrile at 298.15 K.
Cations 18C6 Diaza-18C6 Dithia-18C6
Na+ 4.71a 3.92° 1.82f
4.45d
Ag+ 0.93b 7.6' 6.30a
“Ref. 19; bRef. 20; cRef. 21; ‘'Ref. 22; “Ref. 23; fRef. 24 .
14
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iii) Effect of substituents.
The introduction o f substituents in the structure o f crown ethers may alter the 
binding properties o f these ligands for metal cations. Representative examples are 
shown in the values reported for the stability constants of metal-ion complexes of 
sodium, potassium and rubidium with 18-crown-6 (18C6), monobenzo-18-crown-6 
(B18C6) and dibenzo-18-crown-6 (DB18C6) in methanol at 298.15 K27'32. Data are 
listed in Table 1.4. The selectivity of these ligands for these cations in this solvent 
follows the sequence,
18C6 >  B18C6 >  DB18C6.
This is attributed to the electron-withdrawing effect o f the aromatic ring which 
reduces the electronic density of the donor atoms. In fact, the introduction o f six 
benzene rings in the structure of 18-crown-6 (hexabenzo-18-crown-6) results in a 
macrocycle with almost non-complexing abilities for metal cations25.
Effect o f substituents with pendant donor groups (lariat ethers)
The introduction o f side arms containing donor groups in a macrocycle structure 
alters their binding ability for metal cations relative to the parent compound. Thus, 
Table 1.5 shows the effect of side arms in the structure o f l-aza-12-crown-4 on the 
cation binding properties (log Ks) of sodium and potassium in methanol26. The results 
indicate that the side arm provide additional donor atoms capable o f interacting with 
the metal-cation increasing the stability o f the complex. The results listed in this table 
reflect that these ligands also show higher selectivity for K+ relative to Na+. Generally 
speaking, the addition of groups containing neutral oxygen donor atoms to an existing 
ligand increases the selectivity of the ligand for the larger cations relative to the smaller 
ones.
15
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Table 1.4. Effects of substituents on the stability constants (log Ks) o f metal-ion 
complexes in methanol at 298.15 K.
18-crown-6
'cr
cx
0 '
0
monobenzo-18-crown-6
,0  o.
o
dibenzo-18-crown-6
Oi
Cation log Ks Cation log Ks Cation log Ks
Na 4.34 a,b Na 4.21° Na4 4.18e
K+
Rb+
6.08c
5.35c
K4
Rb4
5.29
4.48c
K4
Rb+
5.00
4.36
“Ref. 27; bRef. 28; cRef. 29; dRef. 30; eRef. 31; fRef. 32.
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Table 1.5. Stability constants (log Ks) of lariat ethers and metal cations in methanol at
298.15 K26.
Compound R Na+ r
1 H 1.73a
2 ch2 ch2ch2oh 2.35 2.73
3 -( CH2 CH20),-CH3 3.25 —
4 -( ch2 ch2o)2-ch3 3.60 3.85
5 -( CH2 CH20 )3-CH3 3.64 —
6 -( CH2 CH20 )4-CH3 3.76 —
7 -( ch2 ch2o)5-ch3 3.97 —
8 -( ch2 ch2o)6-ch3 3.73 4.34
9 -( ch2 CH20 )7-CH3 3.84 4.27
aRef. 18.
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iv) Solvent effect on the complexation process
The solvent effect on the complexation of macrocycles with guest species is best 
interpreted by considering the following thermodynamic cycle11 referred to the 
interaction o f a metal cation, M*, and a ligand, L , to give the metal-ion complex, 
M +L.
r+. . . T A q P  > M + LM (Si) +  L © )
AtP°(M4) AtP°(L)
>
AtP°(M+L)
m +(S2) +  l (S2) AcP°("2) > M +L
1.1
In eqn. 1.1, ACP° denotes the thermodynamic parameter (P°= G°, H° and S°) for the 
complexation process in the two solvents (si and s2) and AtP° is referred to the transfer 
o f the metal cation, ligand and metal-ion complex from a reference solvent (s© to 
another (s2). Most thermodynamic data reported in the literature are referred to the 
complexation process. However, the solvation properties of the host, guest and metal- 
ion complex play a predominant role in host-guest interactions involving 
macrocycles33.
In the complexation process involving univalent metal cations and macrocycles such 
as crown ethers and cryptands, a competition between the ligand and the solvent for 
the cation is often observed34. Thus, those cations which are well solvated by the 
solvent are reluctant to interact with the ligand. Representative examples are those 
given in Tables 1.6 and 1.7 where stability constants of alkali-metal cations with 
dibenzo-18-crown-6 in methanol (MeOH), dimethylformamide (DMF) and acetonitrile
18
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(AN) at 298.15 K31 are listed together with the single-ion transfer Gibbs energies for 
Na+, K+, Rb+ and Cs+ (data based on the Pli}AsPh4B convention) from acetonitrile 
(reference solvent) to methanol and dimethylformamide12.
The thermodynamic cycle (eqn. 1.1) expressed in terms o f Gibbs energies can be 
rearranged as shown in eqn. 1.2
AcG°(s2) - AcG°(si) =  AtG°(]VrL) - AtG°(M+) - AtG°(L) 1.2
As far as dimethylformamide and acetonitrile are concerned the transfer Gibbs
energy o f the dibenzo-18-crown-6 ligand between these two solvents is negligible35.
Therefore, the differences in the Gibbs energies of complexation for a given metal
cation and this ligand in these two solvents can be expressed as follows,
AcG°(s2) - AcG°(si) =  AtG °(M T ) - AtG°(M+) 1.3
Eqn. 1.3 indicates that the differences in complex stability o f this ligand with a metal 
cation in these solvents is determined by the solvation of the metal-ion and its crown 
complex in these media.
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Table 1.6. Stability constants o f alkali-metal cations with dibenzo- 18-crown-6 in 
methanol and acetonitrile at 298.15 K. Single-ion transfer Gibbs energies 
of the alkali-metal cations and metal ion-complex from acetonitrile 
(reference solvent) to methanol31.
Cations log Ks 
(MeOH)
log Ks 
(AN)
ACG°
(MeOH)
kJ.mol'1
ACG°
(AN)
kJ.mol'1
AtG° (M+) 
(AN-»MeOH) 
kJ.mol'1
AtG° (M*L) 
(AN->MeOH) 
kJ.mol'1
Na+ 4.37 4.89 -24.95 -27.92 -5.2 8.27
K + 5.00 4.78 -28.54 -27.29 2.3 11.54
Rb+ 4.36 3.70 -24.89 -21.12 4.0 10.73
Cs+ 3.20 3.59 -18.26 -20.49 5.9 18.63
AtG° (L)(AN—>MeOH)-10.50 kJ.mol'1, calculated value35. L  =  dibenzo-18-crown-6
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Table 1.7. Stability constants of alkali-metal cations with dibenzo-18-crown-6 in 
dimethylformamide and acetonitrile at 298.15 K. Single-ion transfer Gibbs 
energies o f the alkali-metal cations and metal-ion complex from acetonitrile 
(reference solvent) to dimethylformamide31.
Cations log Ks 
(DMF)
log Ks 
(AN)
ACG°
(DMF)
kJ.mol"1
ACG°
(AN)
kj.m of1
AtG° (1VT) 
(AN-*DM F) 
kJ.mol'1
AtG° ( M l )  
(AN—>DMF) 
kJ.mol'1
Na+ 2.87 4.89 -16.38 -27.92 -23.4 -11.57
r 3.14 4.78 -17.93 -27.29 -16.7 -7.04
Rb+ 2.65 3.70 -15.13 -21.12 -15.5 -9.21
Cs+ 1.48 3.59 -8.43 -20.49 -13.5 -1.15
AtG° (L)(AN-»DMF) =  0.30 kJ.mol'1, calculated value35. L  =  dibenzo-18crown-6
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Since this thesis is mainly concerned with thermodynamic and electrochemical 
studies involving lithium-crown ether interactions in non-aqueous solvents, 
thermodynamic aspects o f previous work related to ligands considered in this research 
and alkali-metal cations will be reviewed.
1.1.4. THERMODYNAMIC STUDIES
Since one o f the main objectives for the many synthetic developments in the area of 
macrocyclic chemistry is to search for ligands with selective properties to interact with 
a given ionic or neutral species, thermodynamic studies are important. However, these 
studies are mainly concerned with the binding process. Few investigations have been 
carried out on the thermodynamic characterisation of the macrocycles and their metal­
ion complexes. Systems relevant to this research for which stability constants (log Ks), 
enthalpies, ACH° and entropies, ACS° of complexation have been reported in various 
solvents will be reviewed. These have been determined by different methods. The 
data reported are not limited to lithium as the cation but include also the interaction o f 
crowns with other alkali-metal cations so it is possible to compare the behaviour o f the 
lithium cation as far as the thermodynamics is concerned relative to other cations. The 
following describes the work previously done in this area.
Smetana and Popov15 investigated the interaction of lithium with 12-crown-4, 15- 
crown-5 and 18-crown-6 in water and in several non-aqueous solvents (nitromethane, 
acetonitrile, propylene carbonate, acetone, methanol, pyridine, dimethylsulfoxide, 
tetramethylguanidine) by 7Li NMR at 300 K and calorimetry (see Table 1.8) . The 
former technique was used to derive the stability constant (log Ks) from the NMR 
signals o f the metal and the metal-ion complex. These data were used to derive the 
Gibbs energies of complexation in the various solvents. The latter technique was used 
to determine the enthalpy of complexation of these crown ethers and lithium in these 
solvents. However, the temperature at which these measurements were carried out 
was not reported. From Gibbs energies and enthalpies, entropies of complexation
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were calculated. The authors concluded that there is an inverse correlation between 
stability and the Gutmann donor number of the solvent. As far as enthalpy is 
concerned, these values were favourable, except for the complexation o f lithium and 
18-crown-6 in nitromethane and acetonitrile where the complexes are totally entropy 
stabilised. For 12-crown-4 and 18-crown-6 in acetone and 15-crown-5 in methanol 
the entropies were unfavourable. In general, the authors found that the entropy o f 
complexation does not seem to depend on the donicity of the solvents. Among the 
crown ethers considered, 15-crown-5 showed the highest selectivity for lithium.
The interaction o f 12-crown-4 and alkali-metal cations in propylene carbonate at
298.15 K  was studied by Massaux et. al36 using electrochemical methods such as 
normal polarography and potentiometry. They found that in this solvent, the ligand is 
highly selective for sodium with the formation o f a 2:1 (ligand:metal-ion) complex. 
The stability constant for the 1:1 Li+-12-crown-4 complex expressed as log ICS was 
found to be 2.93 (see Table 1.9).
Conductance studies in acetonitrile solutions containing 12-crown-4, tetramethyl- 
12-crown-4, 15-crown-5, and 18-crown-6 and lithium iodide, sodium
tetraphenylborate, and potassium tetraphenylborate have been performed by Hopkins 
and Norman37. These authors reported that upon the addition o f these crown ethers to 
lithium solutions, an increase in the Am° values was observed relative to those for the 
uncomplexed lithium salts. However, similar experiments carried out with sodium and 
potassium salts in the same solvent, showed that the addition o f crown ether led to a 
decrease in the Am° values. Representative data for these systems are shown in Table 
1.10. Hopkins and Norman attributed the enhancement in conductance by the addition 
o f crown ethers to lithium salts to the higher solvation of the free relative to the 
complexed lithium cation in this solvent. As far as sodium and potassium complexes 
are concerned the decrease in conductance by the addition of the macrocyclic was 
interpreted in terms of the larger size of the complexed relative to the free cation.
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Table 1.8. Thermodynamic parameters of complexation of 12-crown-4, 15-crown-5 and 18-crown-6 
with lithium cation in water and in non-aqueous solvents determined by 7Li NMR at 
300 K and calorimetry15.
Crown
/  \
0
O c r
12C4a
Solvent logKs ACG°
KJ.mol'1
ACH°
KJ.mol'1
ACS° 
JK'1 mol'
NM >4a -36.8b -
AN 4.25a -24.3 -16.3 b 27.2
PC - -10.9b >41.8
Acetone 1.62a -9.2 -13.4b -14.2
Methanol ~0a -3.4 b -
Pyridine 0.70a -4.0
DMSO ~0a
TMG ~0a
H20 ~oa
NM >4a -43.5b -
AN >4a -21.3 b >6
PC
aA
H
—
C
N c
r >20.9
Acetone 3.598 -20.5 -19.7 b 2.7
Methanol 1.23a -7.0 -11.3 b -14.2
Pyridine 2.48a
DMSO ~0a
TMG ~0a
h2o ~0a
0.
18C6
NM >4a ~12b >0
AN 2.34a -13.4 ~4b 58.4
PC 2.69a -15.3 -15.9 b -2.5
Acetone 1.50a -8.6 -14.6b -20.5
Methanol ~0a -11.7b -
Pyridine 0.62a
DMSO ~0a
TMG ~0a
H20 ~0a
a 7Li NMR; bcalorimetry, the temperature was not reported.
Solvents: NM, nitromethane; AN, acetonitrile; PC, propylene carbonate; DMSO, dimethylsulfoxide 
and TMG, tetramethylguanidine.
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Table 1.9. Stability constants of the alkali-metal cations and 12-crown-4 in propylene 
carbonate determined by potentiometry and polarography at 298.15 K36.
Metal-cation log Ks
Li+ 2.93“
(1)3.6b
(2 )6 .17b
Na+ (1)3.5a
(2)6.3a
K+ 2.15b
Rb+ 1.69b
Cs+ 1.43b
a potentiometry; bpolarography.
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Table 1.10. Stability constants of alkali-metal cations and crown ethers, molar 
conductances of the alkali-metal coronand salt (Am°) in acetonitrile at
298.15 K37.
Crown
/  \
0
O Or
\ /
12C4
salt
Oh
TM12C4
Lil
NaBPh4
Lil
NaBPh4
KBPh4
Lil
O h  L i l
log Ks
3.40
3.32
3.60
5.28
2.98
3.72
3.46
A °I Mil
S.cnrfmol'1
173.76
123.51
172
118.73
121.3
174.99
167.82
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Further investigations by Takeda and co-workers38 are those involving conductance 
studies o f alkali-metal-cations and 15-crown-5, 18-crown-6(18C6) and dibenzo-24- 
crown -8(DB24C8) in propylene carbonate at 298. 15 K. An increase in molar 
conductance, Am°, was observed by the addition of 15-crown-5 to the lithium solution 
in these solvents. However for Li+-18C6 and Li+-DB24C8 systems, negligible changes 
were observed in the molar conductances and therefore, it was not possible to derive 
stability constant values for these systems from conductance data in propylene 
carbonate. Data reported by these authors shown in Table 1.11 include stability 
constants o f metal-ion complexes (log Ks,) and limiting molar conductances, for the 
metal-ion coronand salt (Am°) and for the metal-ion coronand cation (X+°) in propylene 
carbonate. Also included in this table (values between brackets) are the molar 
conductances for the appropriate electrolyte and cation (uncomplexed) in this solvent.
Olsher and Jagur-Grodzinski39 investigated the affinity toward lithium salts o f 
various 12- to 16- membered ring crown ethers from solubility measurements and 
found that among the macrocycles considered, benzo-13-crown-4 was the most 
efficient complexing agent for lithium. These authors reported that selective extraction 
o f lithium (solution containing Na+, K+, Mg2+, Ca2+) from aqueous solution by the 
crown ether was achieved when the organic phase was dichloromethane or benzene. 
These studies also considered the effect of the anion on the extraction process and 
concluded that the selective extraction of anions from water follows the sequence OH 
<  Cl“  <  C IO / «  SCN-  <  picrate. These findings are in agreement with the transfer 
Gibbs energies o f most o f these anions from water to dipolar aprotic media12. Stability 
constants were determined from [H NMR data as shown in Table 1.12. It may be 
noted that the results obtained by these workers show that the complex stoichiometry 
is dependent on the reaction medium. Thus, 2:1 sandwich type complexes were found 
in nitromethane and dichloromethane. The value in dichloromethane must be 
considered as an apparent value due to the low dielectric constant o f this solvent. A 
correlation between stability constant values and the reciprocal o f the Gutmann donor 
number of the solvent was found, although not enough data were available to check 
whether or not this correlation is universally found.
27
Chapter 1 Introduction
Table 1.11. Stability constants of alkali-metal cations and crown ethers (log Ks) and 
electrolytic (Am°) and ionic (X,+°) limiting molar conductances o f alkali- 
metal crown systems in propylene carbonate at 298.15 K38.
Crown (CE) Salt log Ks A ° a 
S.cm2mor’
k+° b 
S.cnFmol'1
15-crown-5 LiC104 4.2 27.4(26.7) 9.2(8.5)
NaC104 3.7 28.2(27.9) 10.0(9.7)
KC104 3.4 26.8(30.1) 8.6(11.9)
RbC104 3.0 26.5(30.6) 8.3(12.4)
CsC104 2.6 27.6(31.4) 9.4(13.2)
18-crown-6 LiC104 - — —
NaC104 5.6 26.7(27.9) 8.5(9.7)
k c io 4 6.2 27.1(30.1) 8.9(11.9)
RbC104 5.3 27.0(30.6) 8.8(12.4)
CsC104 4.4 26.9(31.4) 8.7(13.2)
DB24C8 LiC104 _ _ _
NaC104 4.1 25.7(27.9) 15(9.1)
KC104 3.7 25.6(30.1) 7.4(11.9)
RbC104 3.5 25.5(30.6) 7.3(12.4)
CsC104 3.4 25.5(31.4) 7.3(13.2)
“molar conductance at infinite dilution of the salt [Am°(ivrx )].
bsingle-ion molar conductance at infinite dilution of the alkali-metal cation (X+° M+).
28
Chapter 1 Introduction
An interesting paper on solution thermodynamics of crown ethers and alkali-metal 
cations mainly sodium and potassium in methanol is that published by Michaux and 
Reisse14 in 1981. These authors studied the interactions o f these cations with crown 
ethers (18-crown-6, 15-crown-5 and 12-crown-4) in methanol and water at 298.15 K. 
Stability constants for 1:1 and 2:1 complexes were determined potentiometrically using 
silver/silver chloride and glass electrodes. Enthalpy data were determined 
calorimetrically (see Table 1.13).
From enthalpy and entropy data, Michaux and Reisse concluded that
i) the affinity of the crown ethers for the cations is enthalpy controlled.
ii) independently o f the crown ether, the higher enthalpic stability was found for 
potassium.
iii) for a given cation, the enthalpy value decreases with a decrease in the size o f the 
ring.
However, the most interesting point made by these authors is that the usual way of 
explaining complex stability on the basis of a match between cation size and hole 
diameter is an oversimplification of the process which should be abandoned. In fact, 
via a quantitative treatment taking into account the entropies o f product and reactants, 
Michaux and Reisse demonstrated that in the case of 18-crown-6, interactions with 
sodium are greater than those for potassium.
13C NMR spectroscopy was the technique used by Amble and Amble40 to study the 
complexation reaction between 12-crown-4 and the alkali-metal cations (Li+, Na+ and 
K +) in methanol at 303 K. It was found that in this solvent, 12-crown-4 forms 2:1 
(ligand:metal-ion) complexes with sodium and potassium but the selectivity of this 
macrocycle is higher with the former relative to the latter cation. A 1:1 stoichiometry 
was found for lithium but the metal-ion complex is characterised by a low stability, (see 
Table 1.14).
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Table 1.12. Stability constants of lithium and benzo-13-crown-4 in various solvents 
determined by lH. NMR39 a.
O c f ' D
\ _ 7
Solvent log Ks
Dichloromethane ( 1 ) « 5
(2) »  1.7
Nitromethane (1)« 3
( 2 >  1.3
Acetonitrile 2.4
“determined at room temperature
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Table 1.13. Thermodynamic parameters for the interaction of cations (sodium and 
potassium) with crown ethers (12-crown-4, 15-crown-5 and 18-crown- 
6 in methanol at 298.15 K 14
Crown Metal cation log Ks “ ACG° AcHob ACS°
kJ.mol'1 kJ.mol'1 JK^.m ol
12-crown-4 Na+ (1)1.47 -8.43 -12.6 -14.0
(2)2.28 -13.01 -28.03 -50.5
K+ (1)1.57 -8.99 -21.34 -41.3
(2)0.55 -3.18 - -
15-crown-5 Na+ (1)3.13 -17.84 -23.01 -17.3
(2)2.35 -13.39 - -
K + (1)3.59 -20.50 -32.22 -39.3
(2)1.32 -7.53 - -
18-crown-6 Na+ 4.36 -24.89 -31.38 -21.8
K+ 6.15 -35.14 -53.14 -60.3
“potentiometry; bcalorimetry
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Table 1.14. Stability constants for the complexation of 12-crown-4 with lithium,
sodium and potassium cations in methanol at 303 K 40 derived from l3C 
NMR data.
Metal-cation log K Sl l° g K s2
Li+ <1 -
Na+ 2.1 3.8
K+ 1.7 2.4
32
Chapter 1 Introduction
Pechanec et. al41 investigated the complexing ability of crown ethers (18-crown-6, 
15-crown-5, 12-crown-4) with alkali-metal cations (Li+, Na+, K+) in various alcohols 
(methanol, ethanol, propan-l-ol, isopropanol and te/7-butanol) by ebulliometry. The 
data reported by these authors are in disagreement with stability constant values 
reported by other authors as seen in Table 1.15. No explanation was given by these 
workers to account for the large discrepancies found.
Equilibrium constants (log Ks) of various crown ethers (benzo-3x-crown-x; x =  4, 
5, 7, 10, 16) and alkali-metal cations (Li+, Na+, K+, Rb+, Cs+) in 99% dimethylsulfoxide 
at 298.15 K, using U.V. spectrophotometry were reported by Mandolini and Masci42. 
These studies were mainly directed to establish a correlation between the catalytic 
property o f a metal cation and the stability of the metal-ion crown ether complex.
An interesting paper related to the stability of lithium and crown ethers (12-crown- 
4, 15-crown-5, benzo-15-crown-5 and 18-crown-6) in molten salts is that reported by 
Rhinebarger et.al43. Stability constant data were determined by 7Li NMR. The results 
demonstrated that the alkali-metal cations are sufficiently reactive as to form metal-ion 
complexes in the absence o f a molecular solvent. (Table 1.16).
Investigations related with the use of crown ethers in lithium battery technology are 
those reported by Petrucci and co-workers44,45. The authors pointed out the 
importance o f structural and dynamical studies on the interaction of lithium salts with 
macrocyclic ligands in media of low permittivity due to the theoretical and practical 
relevance o f such investigations. From the view point of lithium batteries, the need o f 
increasing the amount of ionic species in a low dielectric medium was emphasised. It 
was then suggested that this could be achieved by the use of crown ethers which are 
suitable cation coordinating compounds and consequently, these are able to segregate 
the anion leading to an increase in conductance of the resulting metal-ion complex 
solution. With this purpose, Richman et. al46 studied the kinetics o f complexation of 
crown ethers (18-crown-6 and 12-crown-4) in 1,2 dimethoxyethane at 298.15 K. The 
source used for lithium was a salt containing a highly polarisable anion such as
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hexafluoroarsenate (AsF6 ), which is currently used in battery technology. Also the 
solvent chosen is commonly used in the production of batteries. The aim o f this work 
was to establish the effect o f the crown ether on the solvation properties o f lithium in 
this solvent. Conductance measurements were used to detect whether or not an 
enhancement in the electrical conductivity was observed by the addition o f these crown 
ethers to lithium hexafluoroarsenate in this solvent. The studies were complemented 
by Ultrasonic relaxation spectrophotometry. From both studies, it was concluded that 
the interaction o f lithium with these crowns in 1,2 dimethoxyethane is weak due to the 
chelating effect o f the solvent for the cation.
A further contribution by this group is that containing infrared spectroscopic and 
ultrasonic absorption relaxation kinetic studies of lithium hexafluoroarsenate and 
crown ethers (18-crown-6, 15-crown-5 and 12~crown-4) in 1,3 dioxolane44. Infrared 
studies demonstrated that on addition of the crown compound, the three bands initially 
observed (due to AsF6~, LiAsF6 (ion-pair) and a combination band) were reduced to 
only one which was assigned to the fl ee anion. The implication of this result was the 
segregation o f the cation in the macrocycle cage. Ultrasonic spectra showed that the 
relaxation process involving 15-crown-5 and 12-crown-4 reacting with lithium is 
slower than that for 18-crown-6 and this cation. This was attributed to the greater 
rigidity of 15-crown-5 and 12-crown-4 relative to 18-crown-6.
The synthesis of a phthalocyanine containing four molecules o f 15-crown-5 in its 
structure was reported by Hendriks et. al47 (Fig. 1.12). The complexing ability o f this 
polytopic ligand system for alkali-metal cations in chloroform determined by the 
picrate extraction method was reported. These authors concluded that the selectivity 
o f this ligand for lithium is lower than that found for benzo-15-crown-5 in this solvent.
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Fig. 1.12.- Structure of a polytopic ligand
Czech et. al48 reported the synthesis and the complexing properties of a series o f 
benzocrown ethers. By using an extraction procedure these authors determined the 
association constants o f these macrocycles and alkali-metal cations in chloroform at 
room temperature. These values are not tabulated since the temperature at which 
these measurements were carried out was not specified with enough accuracy.
Thermodynamic data for the complexation of 12-crown-4 and alkali-metal cations 
in methanol at 298.15 K  have been reported by Buschman17. The data are included in 
Table 1.17. Based on the agreement found by this author between stability constant 
data for 18-crown-6 and alkali-metal cations in methanol derived from potentiometric, 
conductimetric and calorimetric titrations, these techniques were used to determine 
log K s values for 12-crown-4 and metal cations in this solvent. It was reported that the 
large solvation o f the lithium cation in methanol leads to the formation of a 2:1 (crown 
ether:metal cation) complex with 12-crown-4 in this solvent.
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Table 1.15. Comparison of stability constants of alkali-metal cations and 18-crown-6 
in non-aqueous media (methanol, ethanol, propan-l-ol, isopropanol and 
tert-butanol) reported by Pechanec et. al41 and those reported by other
authors at 298.15 K.
Metal cation Solvent log Ks Ref.
Li+ CH3OH <2 .0a 49
<-0.7 b 41
c 2h 5o h <2.0a 49
<-.7b 41
11-C3H70H <2.0a 49
<-0.7 b 41
Na+ CH3OH 4.21a 49
4.32c 50
4.36d 51
-0.3b 41
C2H5OH 4.70a 49
<-0.7 b 41
n-C3H7OH 4.90a 49
<-0.7b 41
K+ CH3OH 5.97a 49
6.10° 50
6.06d 51
-0.15 b 41
C2H5OH 6.58a 49
<-0.7b 41
n-C3H7OH 7.24a 49
<0.7 b 41
apolarography; bebulliometry (the temperature was not reported); cpotentiometry; 
dcalorimetry.
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Table 1.16. Stability constants of lithium cation and various crown ethers in the 
molten salt43 a and in various solvents at 300 K 15.
log Ks
Crown ether melt pyridine methanol acetone
12-crown-4 1.87 0.70 ~0 1.62
15-crown-5 2.39 2.48 1.23 3.59
benzo-15-crown-5 2.33
18-crown-6 0.59 0.62 ~0 1.50
a determined at room temperature.
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Table 1.17. Stability constants and thermodynamic parameters for the complexation 
o f 12-crown-4 and alkali-metal cations (1:1) in methanol at 298.15 K 17.
Metal-cation log Ks ACG°
kJ.mol'1
ACH°
kJ.mol'1
ACS°
JK'Vmol'1
Na+ 1.75a -9.9 -8.4 5.0
K + 1.55a -8.8 -13.5 15.8
Rb+ — — -9.9 —
Cs+
. .
— -9.1 —
a from potentiometric titrations
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Zollinger et. al18 determined the stability constants of alkali-metal salts with crown 
ethers (12-crown-4, 15-crown-5 and benzo-15-crown-5) in methanol/water (7:3) and 
in methanol at 298 K. These authors found that the alkali-metal cation complexes o f 
15-crown-5 and benzo-15-crown-5 were more stable in methanol that in 
methanol/water mixtures. The stability o f the lithium complexes is very small in both 
solvents. Thus, being lithium a small ion, its solvation is greater than the binding 
forces o f the crown ether, especially for this cation. In methanol, the differences 
between the molar conductivities of the uncomplexed metal cations and their 
complexes are smaller than those in the methanol/water mixtures. The authors 
suggested that in the complexation process the replacement o f methanol molecules 
from the cation by the coordinating sites of the crown ether has a smaller effect on the 
size o f the complex than the removal of water molecules.
Takeda and co-workers52 .studied the conductance behaviour o f alkali-metal cations 
and crown ethers (15-crown-5 , 16-crown-5 and benzo-15-crown-5) in acetonitrile, 
propylene carbonate and methanol at 298.15 K. These authors observed that the molar 
conductivity o f LiClCL in propylene carbonate increased by the addition o f 16-crown- 
5. However, the addition of 15-crown-5 and 16-crown-5 to methanolic solutions o f 
LiCl and NaCl led to negligible changes in the molar conductances and as a result, 
these data could not be used to derive the stability constant o f lithium and sodium 
complexes in this solvent. Although this behaviour could be attributed to a higher 
solvation o f the ligand in methanol due to the formation of hydrogen bonds between 
the crown ether and the solvent, such evidence cannot be substantiated by the transfer 
Gibbs energies, AtG°, of crown ethers from water to this solvent53. It is generally 
found that AtG° values from water to methanol are very similar to those from water to 
any of the dipolar aprotic solvents. Therefore, the small variation observed by the 
addition of crown ethers to methanolic solutions of LiCl is likely to be attributed to the 
low stability o f the Li+-coronate complex in methanol (Li+-15C5, log Ks =  1.2118) due 
to the higher solvation of this cation in this solvent. This is best reflected in the AtG° 
value from methanol (reference solvent) to acetonitrile for Li+(19.4 kJ.m of1) 12.
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Using conductimetric and spectrophotometric methods, Takeda and Kumazawa53 
determined the stability constants of benzo-15-crown-5 and alkali-metal cations in 
acetonitrile and in methanol at 298.15 K (Table 1.18). Additional information reported 
by these authors is that involving solubility measurements of benzo-15-crown-5 in 
various solvents (acetonitrile, propylene carbonate, methanol and water) at 298.15 K. 
An inverse relationship was found between the stability constant o f the metal-ion 
complex in these solvents and the solvation o f these cations in these solvents. Using a 
previously reported thermodynamic cycle11, the transfer Gibbs energies of the alkali- 
metal complexes from methanol to other solvents were calculated. From these data, 
these authors concluded that interactions between the alkali-metal cation in the hole o f 
the crown and the solvent are likely to occur.
The complexation o f alkali-metal cations by crown ethers (15-crown-5 and 18- 
crown-6), aza-crown ethers (diaza-15-crown-5 and diaza-18-crown-6) and cryptands 
(211, 221 and 222) in propylene carbonate at 298.15 K was investigated by 
Buschmann54 (see Table 1.19.) using calorimetric and potentiometric measurements. It 
was concluded that the most stable complexes formed by the macrocyclic and the 
macrobyciclic ligands and metal cations were found when the size o f the cation was 
comparable to the size of the hole of the ligand.
Thermodynamic parameters o f complexation of 15-crown-5, benzo-15-crown-5, 
cA-cyclohexane-15-crown-5 and other crown ethers with alkali-metal cations in a 
variety o f solvents have been discussed by Inoue, Hakushi and co-workers55. The 
thermodynamic parameters were discussed in terms o f an enthalpy-entropy effect 
which was disclaimed latter on by Danil de Namor and co-workers56.
Ogawa et. atr57 reported lithium complexation studies of configurational isomers o f a 
tetra-aza macrocycle containing 2-2'bipyridine in methanol at 298.15 K (see Table 
1.20). The cA-isomer was found to have a high stability for lithium in this solvent to 
the extent that the selectivity o f this ligand is 5000 times greater than that for sodium
as assessed from the stability constant ratio (X 5(Li+ )/K iS.(Na+ ) for these two cations 
in methanol.
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Table 1.18. Stability constants o f benzo-15-crown-5 and alkali-metal cations in 
acetonitrile, propylene carbonate and methanol at 298.1553.
log K;
Acetonitrile Propylene carbonate Methanol
Li+ 4.46 3.77 2.31
Na+ 4.25 4.35 2.99
K+ 2.49 2.78 2.71
Rb+ 2.72 2.38 2.40
Cs+ 2.39 2.03 2.15
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Table 1.19. Stability constants and thermodynamic parameters for the complexation 
o f alkali-metal cations and crown and aza-crown ethers in propylene 
carbonate at 298.15 K54.
Ligand Metal log Ks ACG°
o31< ACS°
cation kj.m of1 kJ.mol'1 JK'Vmol"1
r o Li+ 4.03 -22.9 -20.8 7.0
+  j Na+ 4.87 -27.7 -31.9 -14.1
v J K + 3.78 -21.5 -30.5 -30.2
15C5 Rb+ 3.74 -21.3 -26.0
00r*HI
Cs+ 3.39 -19.3 -17.0 7.7
Li+ 2.70 -15.3 -17.0 -5.7
r o Na+ 4.55 -25.9 -28.7 -9.4
/ °  ° \
r  ^ K+ 6.08 -34.5 -45.4 -36.6
^ 0  QT Rb+ 5,33 -30.3 -44.2 -46.6
W Cs+ 4.48 -25.5 -42.9 -58.4
18C6
Li+ 4.12 -23.4 -16.3 23.8
Na+ 4.83 -27.4 -18.1 31.2
IC+ 2.25 -12.8 -7.7 17.1
Rb+
Cs+
Li+
.o a  Na+
C o  oC r
N ^ / 1 Rb4
H
DA18C6 Cs4
3.59 -20.4 -5.8 49.0
4.31 -24.5 -13.1 38.2
4.43 -25.2 -21.9 11.1
2.93 -16.6 -7.8 29.5
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Table 1.20. Stability constants o f lithium and sodium and two configurational isomers 
o f tetra-aza macrocycle containing 2,2'-bipyridine in methanol at 298.15
K 57
Ligand Metal cation log Ks
Li+
Na+
3.90
2.11
Li+
Na+
6.30
2.60
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A series o f coronands containing amide ligating arms based on polyazamacrocycles 
have been reported by Kataky et. a/58 (Table 1.21). The interaction o f these ligands 
with high density metal cations (lithium, sodium and calcium) has been investigated by 
13C NMR and infrared spectroscopy, mass spectrometry, calorimetry and 
potentiometry in water and in methanol at 298 K. These authors, concluded that,
i) these ligands are characterised by an endo-endo conformation (X-ray 
crystallography) and therefore, there are pre-organised to interact with metal 
cations.
ii) the complexation process is enthalpically stable (negative ACH°). Positive 
entropies are, in some cases, observed for the highly solvated cations in their 
interaction with these macrocycles.
iii) the affinity between the amide oxygen (ligating arm) for the cation is mostly 
responsible for the strong binding abilities of these compounds for the alkali and 
alkaline-earth metal cations.
Salomon and co-workers investigated the interactions between 18-crown-6 and 
alkali-metal cations in propylene carbonate59 (298.15 K), mixed solvents60 (298.15 K) 
and 2-cyanopyridine61 (308.15 K). In doing so, these authors developed a method for 
the treatment of conductance data leading to the calculation of stability constants of 
metal-ion crown ethers (eqn.1.4), ion-pair formation constants (eqns.1.5 and 1.6) and 
Am° values. Data reported by these authors listed in Tables 1.22-1.24 include stability 
constants of metal-ion complexes (log Ks) and limiting molar conductances for the 
metal-ion coronand salt (Am°) and for the metal-ion coronand cation (X°+). Also 
included in these tables (values between brackets) are the molar conductances for the 
appropriate electrolyte and cation (uncomplexed) in the appropriate solvent.
M fs) +  C E(S) M +CE(S) 1.4
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M 4S) +  X(S) — M +X- (S) 1.5
M + CE(S) +  X (S) Kn > M +CEX“(S) 1.6
Single-ion conductance values at infinite dilution (X°+) in propylene carbonate at
298.15 K  for Li+, Na+ and K + of 7.86, 9.41 and 11.80 S.cm2.mol'1, respectively, were 
reported by these authors (Table 1.22). These data show that cation mobilities follows 
the sequence; K+ >  Na+ >  Li+, reflecting the trend expected from the solvation o f these 
cations in this solvent. Comparison between data for the free and complexed lithium 
cation shows that the conductivity of the latter is greater than that for the former.
As far as data for lithium, sodium and potassium cations in the mixed solvents are 
concerned, the results shown in Table 1.23 reflect that the addition o f dichloromethane 
to propylene carbonate leads to a significant increase in complex stability (log Ks) 
relative to propylene carbonate (see Table 1.22). Dichloromethane is a poorer solvator 
for the cations than propylene carbonate as reflected in the single-ion transfer Gibbs 
energies (AtG°) from water to these solvents which are much more positive in transfers 
to dichloromethane62 than in transfers to propylene carbonate12. Therefore, the 
addition of the former to the latter solvent reduces the competition between ligand and 
solvent for the cation.
Single-ion conductances at infinite dilution (A,°+) in the propylene carbonate- 
dichloromethane solvent system at 298.15 K were found to be 21.6, 23.8 and 28.5 
S.cm2.mol'1, for Li+, Nah and K+; respectively. These data show a decrease in the 
mobility o f the cation in the order K+ >  Na+ > Li+; which was attributed to cation 
solvation. This trend was not observed for the alkali-metal coronand cations 
(X°[Li+i8C6]~ 27.5 S.cm2m o l ( X / N a + i s c e r f  25.8 S.cm2m o l ( A / i c + i s c e r f  30.2 
S.cnAnol’1). The same effects were observed when the reaction medium was 2- 
cyanopyridine (see Table 1.24). The X°+ values for the metal-ion coronates are greater 
than those for the uncomplexed cations in the propylene carbonate-dichloromethane
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solvent system. The larger mobilities observed for the metal-ion coronates relative to 
the free cations was attributed to solvation changes upon complexation.
The solvent effect on the conductance of lithium picrate and lithium perchlorate by 
the addition of 15-crown-5 was studied by D'Aprano and co-workers63’65 Thus, Table 
1.25 lists ion-pair formation constants (ICa) o f lithium perchlorate and lithium picrate 
and their 15-crown-5 complexes in nitromethane (NM)63 acetonitrile (AN), N-N- 
dimethylformamide (DMF) and methanol (MeOH)64 at 298.15 K.
It was observed that the conductance behaviour of lithium picrate and lithium 
perchlorate is quite different, since the former behaves as a non-conducting 
electrolyte. This behaviour was attributed to the higher ion-pair association constant 
o f lithium picrate relative to lithium perchlorate in nitromethane. However, in the 
presence o f 15-crown-5 a dramatic increase in the conductance o f lithium picrate was 
observed in this solvent. These authors explained the conductance changes mainly in 
terms of the decrease in ion-pair formation when moving from the free to the 
complexed cation. The large decrease observed in the Kn values in going from lithium 
picrate (Ka =  1.48 x 106) to lithium perchlorate (Ka =  204) was attributed to the 
solvation of the anion. An addition of 15-crown-5 to the nitromethane solution 
containing these lithium salts resulted in an increase in conductivity resulting from 
complex formation and consequently, lower ion-pair formation constants. Since 
acetonitrile is a better solvator for the cations than nitromethane, Ka values are lower in 
the former than in the latter solvent. An addition of the crown ether to the acetonitrile 
solution containing these lithium salts leads to a decrease in the association constants, 
but the change is not so dramatic as in nitromethane. As far as N-N- 
dimethylformamide and methanol are concerned both o f these solvents are relatively 
good ionising media. Therefore, association constant values are low and the addition 
of 15-crown-5 does not alter significantly the extent of ion-pair formation. A similar 
behaviour was observed for lithium picrate and perchlorate systems and 15-crown-5 in 
acetonitrile-nitromethane mixtures65.
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Table 1,21. Stability constants and thermodynamic parameters for the interaction of 
alkali and alkaline-earth metal cations and amide N-fimctionalised 
coronands in methanol at 298 K58.
Ligand Metal log Ks ACG° ACH° ACS°
cation kl.mof1 kJ.mol*1 JK"I.mol‘ 1
H jC  ^  a -H  
I* l4 
H  XCH2—N  N — CH2X0
L o J
Li+
Na+
K+
Rb+
5.38
4.72
3.85
3.08
-30.6
-26.8
-21.9
-17.5
-12.70
-26.00
-25.70
-22.70
60.0
2.7
-12.7
-17.4
N,N'-Di(N,N- 
dimethyloxyacetamido)-1,7- 
diaza-12 crown 4 
(a)
Ca2+ >5.50 -46.60
V N
A  r r  A 0
CH2— CHg— N N— CHj,—CH2 °
Li+
Na+
K+
2.99
3.01
3.03
-17.0
-17.1
-17.2
-23.80
-37.60
-30.60
-22.8
-68.8
-44.9
N,N'-Di(N,N- 
dimethyloxypropanamido)-1,7- 
diaza-12 crown 4 
(b)
Rb+
Ca2+
3.08
4.10
-17.5
-23.3
- 11.00
-45.90
21.8
-75.8
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Table 1,22. Stability constants of alkali-metal cations and 18-crown-6 (log Ks), and 
electrolytic (Am°) and ionic (A,+°) limiting molar conductances of alkali- 
metal crown systems and the ion-pair formation constant of the complexed 
cation and anion in propylene carbonate at 298.15 K59.
Crown
(CE)
Salt log Ks A ° aI Mil
S. ci/mol"1
A,+° fa 
S.cr/mof1
Ka'
18-crown-6 LiC104 2.78 27.30(26.75) 8.41(7.86) —
18-crown-6 NaC104 5.65 27.25(28.30) 8.36(9.41) —
18-crown-6 KSCN 6.01 31.57(34.50) 8.87(11.80) 0.11
amolar conductance at infinite dilution of the salt [Am°(M+X- )].
bsingle-ion molar conductance at infinite dilution of the alkali-metal cation (X+° M+).
Table 1.23. Stability constants of alkali-metal cations and 18-crown-6 (log Ks), and 
electrolytic (Am°) and ionic (X+°) limiting molar conductances of alkali- 
metal crown systems and the ion-pair formation constant of the complexed 
cation and anion in a 36 mass % mixture of propylene carbonate in 
dichloromethane at 298.15 K60
Crown
(CE)
Salt log Ks A ° a 1
S.cnAnol'1
X+° b 
S.cn/nof1
Ka'
18-crown-6 LiC104 3.40 71.32(65.4) 27.5(21.6) —
18-crown-6 NaC104 5.89 69.62(67.6) 25.8(23.8) 0.55
18-crown-6 KSCN >12 75.43(73.7) 30.2(28.5) 0.68
amolar conductance at infinite dilution of the salt [Am°(M+X )].
bsingle-ion molar conductance at infinite dilution of the alkali-metal cation (k+° IVT).
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Table 1.24. Stability constants of alkali-metal cations and 18-crown-6 ( log Ks), and 
electrolytic (Am°) and ionic (X+°) limiting molar conductances of alkali- 
metal crown systems in 2-cyanopyridine at 303.15K61.
Crown (CE) Salt log Ks A ° ai vm
S.cnrfmor1
X+° b 
S.cnrfmol'1
18-crown-6 LiAsFs 5.02 33.23(32.35) 12.96(12.08)
18-crown-6 NaBPh4 >12 23.00(24.25) 11.74(12.98)
18-crown-6 KBPfo >12 23.91(26.51) 12.65(15.25)
amolar conductance at infinite dilution of the salt [Am°(M+X )].
bsingle-ion molar conductance at infinite dilution of the alkali-metal cation (X+° M+).
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Table 1.25. Ion-pair formation constants (Kn) of lithium perchlorate and lithium 
picrate and their 15-crown-5 complexes in different solvents at 298.15 K
63,64
System LiC104 LiPicrate
Ka Ka
NMa 204 1.48 x 106
NM+ 15C5 a 13 85
ANb 23 1000
AN + 15C5 b 15 32
DMF b 9 12
DMF + 15C5 b 10 16
MeOHb 25 22
MeOH + 15C5 b 18 27
aRef. 63 ; bRef. 64
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Suzuki et.al66 designed and synthesised selective ligands for the lithium metal cation. 
These are based on 14-crown-4 derivatives, and were used for the design of lithium 
selective electrodes. Thus, this group studied the selectivities of eleven types of 14- 
crown-4 derivatives. They suggested that by introducing a bulky subunit into the 
ethylene-bridge of the crown ring, the selectivity of the ligand for lithium increased. 
Ion-selective electrodes containing 14-crown-4 derivatives with a bulky decalin subunit 
(Figure 1.13) are more selective for lithium relative to sodium [Ks (Li+)/Ks (Na+)] by a 
factor of 1000.
Ck
O'
Figure 1.13. Structure of decalino-14-crown-4.
Studies involving 12-crown-4 and 1-benzyl-l-aza-12-crown-4 (1BA12C4) in 
acetonitrile and propylene carbonate at 298.15 K are those reported by Ng67 shown in 
Table 1.26. Thus, using titration calorimetry, stability constants (log I<s) and derived 
standard Gibbs energies, ACG°, enthalpies, ACH°, and entropies, ACS°, were reported in 
these solvents at 298.15 K. In addition, detailed thermochemical studies on the 
enthalpies of solution of the free and complexed electrolytes and these ligands in these 
solvents were carried out. These data were used to calculate the enthalpy of 
coordination, ACOordH0, for the process referred to reactants and product in their pure 
physical state. The effect of the anion (perchlorate, tetrafluoroborate, 
trifluoromethanesulfonate and hexafluoroarsenate) on the coordination process was 
discussed. It was concluded that
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i) for 12C4 and 1BA12C4 in acetonitrile and in propylene carbonate the favourable 
Gibbs energies of complexation observed in these processes are enthalpically 
controlled.
ii) the selectivity of 1BA12C4 for the lithium cation is greater than that of 12C4 in 
these solvents. This behaviour was attributed to the effect of the oxygen and 
nitrogen donor atoms of the ligand (hole) as well as the side arm of the 1-benzyl- 
l-aza-12-crown~4 ligand which contributes to the stability of the complex. 
These studies were confirmed by *H and I3C NMR.
iii) the thermodynamics of complexation of these crown ethers and lithium in both 
solvents is independent of the nature of the anion as it should be.
iv) the anion effect on the coordination process follows the sequence,
CIO / > CF3S03_ > A sF/ > B F /
Further complexation studies involving metal cations (lithium, sodium and 
potasium) and crown ethers (12-crown-4 and 15-crown-5) in methanol and acetonitrile 
at 298.15 K using conductivity measurements were carried out by D'Aprano, Salomon 
and Mauro68. Tables 1.27 and 1.28 show stability constants of metal-ion complexes 
(log Ks.) and limiting molar conductances for the metal-ion coronand salt (Am°) and for 
the metal-ion coronand cation (X+°) in methanol and in acetonitrile; respectively. Also 
included in these tables (values between brackets) are the molar conductances for the 
appropriate electrolyte and cation (uncomplexed) in these solvents. Generally 
speaking, these authors found good agreement between the stability constants of alkali- 
metal cations and these crown ethers in these solvents with corresponding values 
derived from calorimetry, potentiometry and polarography. However, significant 
differences were found in cases were ion-pair constants of the free (Ka) and complexed 
cation (Ka') were neglected.
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Table 1.26. Stability constants and thermodynamic parameters for the complexation 
of 12-crown-4 and 1 -benzyl-1 -aza-12-crown-4 and lithium in acetonitrile 
and propylene carbonate at 298.15 K67.
electrolyte log Ks ACG°
kJ.mol'1
ACH°
kJ.mol' 1
ACS°
JK^.mol' 1
Acetonitrile
Li+AsF6~ 3.23 -18.43 -22.78 -14.5
L i'B Fr 3.46 -19.73 -21.66 -6.5
Li+CF3SC>r 3.52 -20.10 -21.35 -4.2
Li+C104" 3.31 -18.88 -21.87 -7.2
Propylene Carbonate
Li+AsF6_ 2.81 -16.06 -17.70 2.6
LilBFr 2.79 -15.90 -17.71 6.0
Li+CF3S03“ 2.84 -16.21 -17.05 -2.8
Li+C104~ 2.81 -16.43 -15.29 2.6
/
O
O
\ _ y
12C4
Or^
lBA 12C4a
Acetonitrile
Li+AsF6" 4.25 -24.26 -27.14 - 11.0
L i'B F r 4.30 -24.55 -27.54 - 10.0
Li+CF3S03“ 4.31 -24.60 -27.44 -9.5
Li+C 10r 4.31 -24.60 -28.50 -13.1
Propylene Carbonate
Li+AsF6~ 4.08 -23.29 -24.59 -4.4
Li+BF4~ 4.39 -25.06 -24.98 0.2
Li+CF3S03" 4.59 -26.20 -24.70 5.0
Li+C104~ 4.32 -24.66 -23.30 4.6
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Table 1.27. Stability constants of alkali-metal cations and 12-crown-4 and 15-crown- 
5 (log Ks), and electrolytic (Am°) and ionic (X+°) limiting molar 
conductances of alkali-metal crown systems in methanol at 298.15 K 68.
Crown (CE) Salt log Ks A ° a 
S.cm^nol' 1
X+° b 
S.cm^nol'1
LiC104 1.32 108.5(110.6) 37.53(39.61)
12-crown-4 NaC104 1.09 103.3(116.3) 32.33(45.05)
ICC104 1.41 114.9(123.2) 43.96(52.46)
LiC104 1.31 109.2(110.6) 38.20(39.61)
15-crown-5 NaC104 3.51 116.4(116.3) 45.42(45.05)
KC104 2.39 102.8(123.2) 31.87(52.46)
“molar conductance at infinite dilution of the salt [Am°(M+X )].
bsingle-ion molar conductance at infinite dilution of the alkali-metal cation (X+° M+).
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Table 1.28. Stability constants of alkali-metal cations with 12-crown-4 and 15-crown- 
5 (log Ks), and electrolytic (Ani°) and ionic (X+°) limiting molar 
conductances of alkali-metal crown systems in acetonitrile at 298.15K68.
Crown (CE) Salt log Ks A ° a 
S.ci/mol' 1
X+° b 
S.ci/mol"1
LiC104 3.14 172.30(173.26) 68.68(69.97)
12-crown-4 NaC104 4.42 175.91(180.54) 72.29(77.0)
KC104 2.23 178.58(187.72) 74.96(83.87)
LiC104 3.58 168.72(173.26) 65.10(69.97)
15-crown-5 NaC104 4,44 179.21(180.54) 75.59(77.0)
KC104 3.67 178.80(187.72) 75.18(83.87)
“molar conductance at infinite dilution of the salt [Ara°([MQO].
bsingle-ion molar conductance at infinite dilution of the alkali-metal cation (X+° M©.
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Limiting molar conductivities for the complexed salt, Am°([M+CE]X ), were found 
to be smaller or very close to the Am° for the salt, (M+X ) in acetonitrile. On the other 
hand, in methanol, single-ion molar conductivities for the complex cation, A,+°(M+CE), 
exhibit a peculiar behaviour which was attributed to solvation differences between the 
free and the complexed cations. The large differences found for the stability constants 
in methanol relative to acetonitrile for the alkali-metal crown complexes were 
attributed mainly to the higher solvation of the cations in methanol with respect to 
acetonitrile, as reflected in the Gibbs energies of transfer, AtG° (Li+) (MeOH^AN) = 
20.6 kJ.mol'1 and, AtG° (Na+) (MeOH-+AN) =  6.9 kJ.mol"1 at 298.15 K, data based on 
the Ph4BPh4As convention12.
The stability constants of alkali-metal cations with 12-crown-4 in methanol follows 
the sequence Li+ < Na+ < K+ attributed to the higher solvation of lithium (high density 
charge) relative to sodium and potassium in this solvent. On the other hand, in 
acetonitrile the sequence is Li+ < Na+ > K+, which does not follow the cation solvation 
order12. The low stability constants values found for potassium was mainly attributed 
to the relatively weaker (compared to Na+-12C4) interaction resulting from the 
mismatch in crown and ion dimensions. As far as the stability constants of alkali-metal 
cations with 15-crown-5 in methanol and acetonitrile are concerned, these values 
follow the expected sequence (Li+ < Na+ > K+.) based on ion-hole dimensions.
1.2. LITH IUM  CH EM ISTRY
Lithium, a member of the alkali-metals family is the lightest of alkali metals and the 
least reactive. Lithium has been the subject of numerous experimental and theoretical 
studies making lithium chemistry a branch of chemistry in itself69.
Lithium is chemically active readily losing one of its three electrons to form 
compounds containing the lithium cation. The properties of some lithium compounds 
differ from those of other elements in the Group IA. This anomalous behaviour of
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lithium has been attributed to its small size. Thus, lithium has the lowest reduction 
potential (-3.05 V for lithium compared to -2.71 V for sodium). A further 
consequence of its small size are phenomena such as lithium bond formation (similar to 
the hydrogen bond), and aggregates69.
Lithium is classified as a chemically hard metal cation having strong interactions 
with hard donor atoms such as O or N atoms. X-ray stmcture determinations show 
that the lithium ion is often found tetra or hexa coordinated70.
Applications of lithium in science, medicine and technology have increased during 
the past few decades71. Thus, lithium compounds are used in batteries, ceramics, 
lubricants. In medicine, lithium is used for the treatment of manic depression and other 
neurological and psychiatric disorders.
Since one of the main objectives of this thesis concerns the selection of new lithium 
coronand electrolytes to be tested in battery technology, an account on lithium battery 
technology is now given.
1.2.1. NON-AQUEOUS LITHIUM BATTERIES
The rapid development of sophisticated, small-size electronic devices and the need 
for convenient methods of energy storage, have favoured the study and the 
characterisation of new types of electrochemical power sources. Based on the fact that 
lithium is the lightest and most electropositive metal, particular emphasis has been 
placed on the design of lithium batteries.72.
Non-aqueous batteries have found applications in several areas. The most important 
ones are those related with the development of the electrical car, cardiac pacemakers 
and electronic equipments. The applications of electrolyte solutions in non-aqueous 
solvents to primary (non-rechargeable) and secondary (rechargeable) batteries are due 
to the high energy densities that can be achieved with reactive metals such as lithium,
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sodium and magnesium. These have been used as negative electrodes in battery 
technology. The key factors contributing to these high energy densities are mainly the 
increased cell voltage that can be attained and the low atomic weights of these metals.
Non-aqueous battery systems can be classified under three main headings described 
as follows,
a) Organic or inorganic solvents with conducting properties as a result of salt 
dissolution in these media.
b) Solid electrolytes, p-albumin is a representative example.
c) Molten-salt batteries which are essentially high-temperature systems such as 
Li/Cl2 in molten KC1.
Since this thesis is concerned with the use of lithium salts in organic solvents with 
applications in battery technology, it is relevant to describe briefly the main 
characteristics required for the selection of solvent and electrolyte in lithium batteries.
(a) As far as the solvent is concerned, the requirements are as follows,
i) It should have low freezing and high boiling point in order to offer a suitable 
liquid range.
ii) It should be able to dissolve the salt in order to have a medium of high 
conductivity.
iii) It should be characterised by a low vapour pressure to reduce the risk of 
explosions and should not react with the electrode materials.
iv) It should be stable and provide a medium in which electrode processes can occur 
at a useful rate. In addition, the solvent should not be expensive and toxic.
Solvents commonly used in battery technology are propylene carbonate, 
acetonitrile, methyl formate, tetrahydrofuran, methyl tetrahydrofuran and others.
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(b) As far as the electrolyte is concerned, the most important requirements in 
searching for new electrolytes are
i) High solubility in the appropriate solvent.
ii) High electrical conductivity.
iii) It should be inert to chemical attack, easy to handle and low cost. In the case of 
secondary batteries, the electrolyte must be stable over the voltage range 
required for recharging.
Salts commonly used are simple salts (LiC104), Lewis acids (A1C13, BF3) and 
complex fluorides ( LiBF4, LiCF3S03, etc.).
A variety of lithium batteries have been developed using non-aqueous solvents. 
These can be classified in primary and secondaiy lithium batteries.
1.2.1.1. Primary batteries
These batteries are designed to be used until the active materials are depleted 
(disposable batteries) and use lithium metal as the anode. The most common cathodes 
used are ; sulfur dioxide, thionyl and sulfuril chloride, which serve not only as the 
cathode materials but also as the electrolyte solvent71. The reaction taking place in the 
cell is
4 Li + 2 SO2CI2 ->  4 LiCl + 2 S02 1.7
In these batteries, a passivation film ( i.e. LiCl) is formed which prevents a violent 
reaction between lithium and SOCl2. On the other hand, the cell discharge of the 
battery is affected due to the poor conducting properties of the film.
1.2.1.2. Secondaiy batteries
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i) Conventional lithium batteries.
Secondary cells can be regenerated by reversing the chemical reaction that produces 
an electric current. Due to the recharging process, secondaiy or rechargeable batteries 
are built with special characteristics. Systems of this type include the lithium anode 
and intercalating cathodes (titanium disulfide, manganese dioxide, molybdenum 
disulfide). Intercalating materials are characterised by their layer structure, which 
allows ions, atoms or molecules to penetrate between the layers, thus forming 
intercalation compounds73. A typical example of the cell is
Li/ LiC104, propylene carbonate / LixTS2
These batteries show considerable promise for their high power and energy densities 
(twice to four times those of lead-acid batteries) and for environmental control. 
However, limitations on rechargeable lithium batteries are74 (i) the reactivity of the 
alkali-metal, (ii) the nature of the passivation film which limits the cyclability of the 
battery, (iii) instability, generally caused by malfunctioning operations which may lead 
to serious safety hazards. To overcome these problems with these conventional 
rechargeable batteries, the ‘rocking chair’ system was introduced.
ii) The rocking chair battery.
This type of cell was created to overcome the problems encountered with the 
conventional rechargeable batteries. It was suggested that the replacement of the 
lithium metal as anode by electrodes with lower tendency to be passivated or attacked 
by electrolyte solutions would be advantageous. For this purpose, a cell with two 
intercalating electrodes, (i.e. LixW 02 / LiyTiS2 system) was suggested74. The overall 
process taking place consists in the movement of lithium ions from the positive to the 
negative electrode during the charge and discharge of the battery.
d i s c h a r g e  T . t - a ^  1 0
LiyMnY„, +  AzBw = = f e  Li(y.x)MnYm + Lix AZBW 1.8
c h a r g e
where M=.W, Fe; Y= O; A = Ti, W or V; B = O, S.
A schematic representation of the ‘rocking chair’ system is given in Figure 1.14 74.
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e- e -
Figure 1.14. The ‘Rocking Chair ‘ cell type74.
Later on, Nagaura and Tozawa92 suggested the use of lithiated carbon, Ll/L , as the 
anode. The basic stmcture of the cell is as follows,
LixC6 / LiX inPC-EC/Li(1.x)Co02. 1.9
In eqn. 1.9, LiX is a lithium salt (e.g. LiBF4); PC-EC is a propylene carbonate- 
ethylene carbonate solvent mixture.
The use of lithiated carbon improved largerly the cyclability, energy density (over 
three times that of nickel cadmium batteries) and safety of the battery. Table 1.29 lists 
the anode and cathode combinations commonly used75'94. Some of the problems 
associated with electrolytes and solvents used in batteiy technology are now outlined.
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Table 1.29. Anode and cathode combinations for lithium batteries.
Cathode Electrolyte Anode Reference
Primary batteries
Li LiC104, tetrahydrofiiran, 
1,2 dimethoxyethane
CuS 75, 76
Li LiBF4, y-butyrilactone (CFx)n 77
Li LiC104, propylene carbonate Ag2C r0 4 78
Li LiC104, propylene carbonate, 
dimethoxyethane
M n02 79
Li LiBr, acetonitrile, propylene 
carbonate,
S 0 2, C 80
Li LiAlCU SOCl2 , c 81
Li LiAlCU S 0 2C12 , c 82
Secondary batteries
Li LiAsF6, 2-methyl tetrahydrofiiran TiS2 83
Li LiC104, 1,3-dioxolane TiS2 84
Li LiC104, propylene carbonate NbSe3 85
Li LiAsF6, 2-methyl tetraliydrofiiran MoS3 86
Li LiAsF6, 2-methyl tetrahydrofuran v 6 0 ,3 87
Li LiAsF6, methylfonnate, 
dimethylcarbonate
LixC o 02 88
Rocking chair batteries
L iW 02 LiC104, propylene carbonate LiTiS2 89
LiM o02 LiPF6, propylene carbonate LiC o02 90
LiTiS2 LiAsFg, metliylacetate L iC o02 91
LixC6 LiC104, propylene carbonate, ethylene 
carbonate
LiM n02 92
LixCs LiN(CF3S 0 2)2, etliylene carbonate, 
1,2-dimethoxyethane
LiN i02 93
LixCg LiC104, ethylene carbonate, 1,2- 
dimethoxyethane
LiMn20 4 94
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1.2.2. PROBLEMS ENCOUNTERED IN LITHIUM BATTERY 
TECHNOLOGY.
One important aspect in the development of high energy lithium battery technology 
is how fast current can be drawn from it. The salts chosen for the electrolyte solution 
must be able to move fast enough through the solvent to cany ions between the 
electrodes equal to the rate of electrical demand (high conductivity). Therefore, a 
major problem in the development of high energy lithium batteries concerns the 
electrolyte solutions.
Since commonly solvents used in lithium batteries include those which have low 
dielectric constant, the electrolytes have the tendency to form non-conducting species 
such as ion-pairs and higher aggregates95. Due to the high charge density of lithium, it 
has the tendency to associate with anions. Thus, lithium salts having organic anions of 
very large radius are currently used. However, these lithium salts may not be 
sufficiently soluble at the concentrations required for high conductivity. In addition, 
the large size of the anions can reduce the conductivity of the solution.
Thus, the selection of the electrolyte and the solvent is of fundamental importance in 
the development of both primaiy and especially, secondary lithium batteries. As stated 
above, the conductance of the salt is related to ion solvation. An enhancement in the 
conductance behaviour of lithium salt solutions was observed by the addition of crown 
ethers. However, the origin of this enhancement in conductance has not been carefully 
investigated. It was thought that a thermodynamic approach can provide detailed 
information about the interactions between lithium and crown ethers. However, these 
studies should not be limited to the complexation process but should involve 
investigations regarding the solution properties of the host, the guest and the resulting 
complex33.
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1.3. AIMS OF TH E PRESEN T W O RK
Some of the problems found in the development of high energy lithium batteries are 
related to the low solubility and the ion-pair formation of the lithium salts in non- 
aqueous solvents. In order to overcome these problems, electrolytes characterised by 
cations of large radii must be considered. This could be achieved by complexing 
lithium with crown ethers. From the literature review it has been demonstrated that 
12-crown-4 and 15-crown-5 interact with the lithium cation. Therefore, l-aza-12- 
crown-4, 15-crown-5 and its derivatives were selected. The main aim of this thesis is 
to obtain from complexing and transfer thermodynamic data in solvents commonly 
used in lithium batteries, the information which is required for the selection of new 
electrolytes which may be of potential use in lithium battery technology. Therefore, 
the aims of this thesis are
i) The determination of the thermodynamic parameters of complexation (Gibbs 
energies, ACG°, enthalpies, ACH° and entropies, ACS°, of lithium 
(hexafluoroarsenate, tetrafluoroborate and trifluoromethanesulfonate) and crown 
ethers (l-aza-12-crown-4 and 15-crown-5) in acetonitrile and propylene 
carbonate and (4'-aminobenzo-15-crown-5 and 4'-nitrobenzo-15-crown-5) in 
acetonitrile at 298.15 K.
ii) Isolation of 15-crown-5 and 1-aza-12-crown 4 lithium coronand electrolytes 
containing hexafluoroarsenate, tetrafluoroborate and trifluoromethanesulfonate 
anions.
iii) To find information regarding the solvation properties of the reactants and 
product involved in the complexation process from solution thermodynamic 
studies of crown ethers, the lithium and lithium coronand salts.
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iv) To derive information on the thermodynamics associated with the process where 
the reactants and the product are in the pure physical state from availability of 
complexation and solution data.
v) To explore the use of coordination data for the derivation of the thermodynamic 
parameters of complexation of lithium and crown ethers in low permittivity 
media where no accurate data are available.
vi) To proceed with conductance measurements in order to determine the molar 
conductances and ion-pair formation constants of lithium coronand electrolytes 
and the stability constants of lithium and crown ethers (15-crown-5 and 1-aza- 
12-crown-4) in propylene carbonate at 298.15 K.
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C H A P T E R  II 
E X P E R I M E N T A L  D E T A I L S
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2.1. LIST OF CH EM ICALS AND TH EIR ABBREVIATIONS
The chemical reagents used during the course of this research, their abbreviations and 
sources are given,
• 15-crown-5 (C10H20O5), (15C5), >98%, Fluka Chemicals Ltd.
• l-aza-12 crown 4 (C8Hi7N 03), (1A12C4), >97%, Fluka Chemicals Ltd.
• 4'-aminobenzo-15-crown-5 (C14H21NO5), (4NH2B15C5), >97%, Fluka Chemicals 
Ltd.
• 4'-nitrobenzo-15-crown-5 (Ci4Hi9N 07), (4N02B15C5), >99%, Fluka Chemicals 
Ltd.
• l,4,10,13-Tetraoxa-7,16-diazacyclooctadecane (Ci2H26N20 4), (l,10-diaza-18 
crown 6), >97%, Fluka Chemicals Ltd.
• Lithium hexafluoroarsenate, (LiAsF6), 99%, Aldrich Chemical Company.
• Lithium tetrafluoroborate, (LiBF4), 99%, Aldrich Chemical Company.
• Lithium trifluoromethanesulfonate (LiCF3S03), 96%, Aldrich Chemical Company.
• Potassium chloride, (KC1), >99%, ACS reagent, Aldrich Chemical Company.
• Calcium chloride, (CaCl2), desiccant, >96%, ACS reagent, Aldrich Chemical 
Company.
• Calcium hydride, (CaH2), 95%, Aldrich Chemical Company.
• Tris(hydroxymethyl)aminomethane , ((HOCH2)3CNH2), (THAM, TRIS), >99.9%, 
Aldrich Chemical Company.
• Molecular sieves (4 A), Aldrich Chemical Company.
• Tetramethylsilane (TMS), >99.9%, NMR grade, Aldrich Chemical Company.
• Acetonitrile (AN), HPLC, 99.9%, Fisons Chemical Company.
• Propylene carbonate (PC), 99%, Aldrich Chemical Company.
• Tetrahydrofiiran (THF), 99%, Aldrich Chemical Company
• Hydrochloric acid (HC1), Aldrich Chemical Company.
• Acetone (CH3)2CO, Aldrich Chemical Company
• Toluene (CH3C<jH5), Aldrich Chemical Company
• Methanol (MeOH), HPLC, Fisons Chemical Company.
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• Deuterated acetonitrile (CD3CN), Aldrich Chemical Company 
All starting materials were used as supplied unless otherwise indicated.
2.2. PURIFICATION  OF SOLVENTS
2.2.1. ACETONITRILE (AN)
Acetonitrile was first refluxed with CaH2 for several hours and then distilled96. Only 
the middle fraction was collected, and its water content was determined by Karl 
Fischer titration and found to be less than 0.02%. The solvent conductivity measured 
by a Wayne-Kerr Autobalance Universal Bridge, type B642 was 1 x 10'7 S-cm' 1 at
298.15 K.
2.2.2. PROPYLENE CARBONATE (PC)
Propylene carbonate was stored overnight over dried 4A molecular sieves. Then it 
was distilled under reduced pressure and the middle fraction (85°C) was collected96. 
The water content of the solvent determined by Karl-Fischer titration was less than 
0.015%. Its conductivity was found to be l-4xl0 ‘8 S-cm'1 at 298.15 K.
2.2.3. TETRAHYDROFURAN (THF).
Tetrahydrofuran was dried over potassium benzophenone. Then it was distilled 
under nitrogen96. The water content of the solvent was found to be less than 0.02%. 
The conductivity of the solvent was 11.96 x 10'9 S-cm'1 at 298.15 K.
2.3. PURIFICATION OF CHEM ICALS
15 crown 5; l-Aza-12 crown 4; 1,10-diaza- 18 crown 6; 4'-Aininobenzo-15 
crown 5; and 4f-Nitrobenzo-15 crown 5 were used without further purification.
Lithium hexafluoroarsenate (LiAsF^) and lithium tetrafluoroborate (LiBF4 ) 
were dried at 50-60 0 C. Lithium trifluoromethanesulfonate (LiCFjSC^)
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recrystallised from an acetone/toluene (1:4) mixture was dried at 60 "C under low 
pressure for several days.
Potassium chloride was recrystallised twice from deionised water and dried for 
three days in a drying pistol at 120°C.
2.4. PREPARATIO N  OF LITHIUM  CORONAND SALTS
The solid complexes of the cyclic polyethers ([Li+15C5]AsF6 ], [Li+15C5]BF4 ], 
[Li+15C5]CF3S03“], [LiTA12C4]AsF<f], [Li+1A12C4]BF4~], and 
[LiTA12C4]CF3S03~], were prepared by dissolving stoichiometric amounts of the 
crown ether and the appropriate salt in methanol. The solvent was carefully removed 
by evaporation, and the solid residue was dried under low pressure for several days. 
Microanalysis was carried out at the University of Surrey on a Leeman Laboratory 444 
Elemental Analyser.
2.5. C A LO RIM ETR Y
In this work, a Tronac 450, isoperibolic calorimeter was used. This is a 
commercial version of the solution calorimeter originally designed by Christensen and 
Izatt97
2.5.1. THE TRONAC 450 CALORIMETER
2.5.1.1.General Description
The Tronac 450 calorimeter can be divided in two main parts, the calorimeter 
assembly and the electronic assembly.
a) The Calorimeter assembly
The calorimeter assembly consists of an insulated thermostatic bath with a capacity 
of 50 liters of water, a motor-driven stirrer, a cooler-heater assembly and a precision 
temperature controller.
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The calorimeter header shaft comprises the stirrer blade assembly which is 
connected to the ampoule holder, together with the thermistor, the heater and a glass 
vacuum Dewar reaction vessel (50 ml). The burette is a syringe of 2.5 cm'3 . A chart 
recorder is connected to the recorder terminals. The thermistor provides the output 
voltage from the Wheatstone bridge which indicates the change of temperature from 
the reaction vessel contents. The heating intervals are accurately measured by the 
timer connected to the electronic assembly.
b) The Electronic Assembly
The electronic assembly consists of a Wheatstone bridge, one of its arms is a 
thermistor used to detect the temperature change in the reaction vessel. The signal 
detected with the thermistor is converted to voltage and registered on a chart recorder. 
The calorimeter is calibrated by a heater of known resistance ( R). The voltage applied 
(V) to the heater is directly monitored in the standard resistance (Vi) and in the 
calibration resistance heater (V2). The heating intervals (t) are accurately measured by 
a timer connected to the electronic assembly.
2.5.2. ANALYSIS OF A THERMOGRAM
The experimental graph obtained in the chart recorder is a plot of time against 
voltage (temperature).
A typical thermogram for a continuous titration for an exothermic reaction is 
presented in Figure 2.1. Region a (initial or lead period) indicates the net heat loss or 
gain of the reaction vessel and contents before the titration begins. The slope is a 
function of the effects due to heating by stirring, resistance heating across the 
thermistor, and heat leaks (heat losses by conduction, radiation, convection, and 
evaporation). Region b indicates the heat rise due to the reactions taking place in the 
reaction vessel, plus the effects of (i)dilution of titrant and titrate, (ii)temperature 
differential of titrant and titrate, and (iii)those mentioned for region a. Region c (final 
period) is obtained after the titration is completed.
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In an isoperibol calorimeter, temperature changes occurs between the reaction 
vessel and its surroundings during the experiment and heat exchange takes place.
Voltage
time
Figure 2.1. Typical thermogram obtained for titration calorimetry.
Dickinson, Regnault and Pflaunder100 described methods for the calculation of the 
true temperature change of the calorimeter. Dickinson's method is based on the fact 
that the rate of heat evolution during a reaction is exponential. Therefore, the mean 
temperature of the main reaction, Tm, will occur at the time for 63% of heat evolution
(0.63 =  1 - 1/e). If the pre and post-reaction periods of the calorimetric plot are 
extrapolated to this time the corrected temperature change will be obtained. In this 
work, the change in temperature was measured in millimetres in the chart recorded and 
the Dickinson's method was used to analyse the thermogram.
2.5.3. DETERMINATION OF THE GROSS HEAT OF THE REACTION.
The heat evolved or absorbed in the reaction, Qr, measured as the distance in 
millimetres in the chart recorder, dr, was converted into heat values using a calibration 
factor, s, obtained from the electrical calibration.
Qr = s. dr 2.1
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The heat capacity of the calorimetric system can be determined from the 
temperature change (Tc) measured as a distance in millimetres (dc) on the recorder 
graph, and the amount of heat injected into the system (Qc)
c =  Q c  = Q c
A Tc dc 2.2
The amount of heat produced by the electrical heater, which is injected to the system 
during the calibration experiment, is calculated by the following equation:
Qc = I2.R.t 23
where t is the time in seconds during which current is passed, and I“.R is the power 
dissipated in the heater and given by the equation:
P = 1
R
where P is the power in J.s~l, Y\ and V2 are the voltage readings in volts taken in the 
heater current position and the heater voltage position, respectively, and R is the 
resistance in ohms of the standard resistor at 298.15 IC.
For a calorimetric run, the heat of reaction, Qr, can be calculated, using the equation:
Q,. = L-.dr = e.dr 2.5
' Qd
where dr is the reaction distance measured on the graph in millimetres.
2.5.4. TITRATION CALORIMETRY
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2.5.4.1. Principles of the technique
Titration calorimetry is a technique developed in the 1960s and applied extensively 
by Christensen and Izatt 101_ 103. In this technique, the enthalpy change of a 
chemically reacting system is recorded as a function of the amount of added reactant. 
This method can provide not only the enthalpy of reaction, but also the equilibrium 
constant and, hence, information on Gibbs energy and entropy changes. The 
calorimetric determination of the stability constant (log Ks) depends on the magnitude 
of log Ks and on the heat produced as a result of the reaction taking place in the 
calorimetric vessel. This technique is limited to log ICS values between 1 to 6.
Titration calorimetry is the most suitable technique for obtaining accurate enthalpy 
data and has been extensively used for the determination of enthalpies of complexation 
involving macrocyclic ligands with guest species such as cations, anions and neutral 
molecules104.
There are two types of titration methods, incremental and continuos. In the first 
type, the titrant is added incrementally. In continuos titration, the titrant is introduced 
at a constant rate during a run. This continuous addition of the titrant has the 
advantage that a complete record is obtained of the heat effects during a reaction. For 
this work the incremental calorimetric titration was used.
2.5.4.2. Heat Corrections
When a titrant is added to a reaction vessel, containing the solvent and the 
substrate, the total heat produced involves the heat of complexation and also different 
heat effects originated by side reactions:
a) Non-chemical energy terms.- It includes the energy associated with the stirring of 
the solution, heat losses between the reaction vessel and its surroundings, and 
resistance heating of the thermistor.
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b) Temperature difference between titrant and titrate - The temperature of the 
titrant and titrate at a given point should be the same, but in practice this is difficult 
to achieve. The effect can be minimised by keeping the burette in the thermostated 
bath of the calorimeter to reach the same temperature as the vessel.
c) Dilution of titrant and titrate.- This heat effect occurs as a result of chemical 
changes such as solvation, hydrolysis, and ion-pair formation, and it depends on the 
concentration of the species present in solution.
2.5.4.3. Calibration of the Equipment
Calibration of the equipment involves calibration of the burette (titrant delivery 
system) and determination of the heat capacity of the reaction vessel.
a) Burette calibration.
In continuous titration calorimetry, the titrant is added at a constant rate over the 
complete period of the run, therefore it is necessary the use of a precision, constant- 
rate burette. The burette is calibrated by weighing the amounts of distilled water 
delivered over several measured time intervals. The burette delivery rate (BDR) in
ml.s~l, is calculated from:
BDR  =  —  2.6
P - t
where w is the weight of water in grams, p  is the density of water at the temperature of 
the calibration, and t is the time in seconds.
b) Determination of the heat capacity of the reaction vessel.
In reaction and solution calorimetry, a direct electrical calibration is usually the most 
convenient as well as the most accurate method for the determination of the heat 
capacity of the calorimeter reaction vessel and its contents. However, it is convenient 
to check this calibration against a chemical reaction where the enthalpy change has 
been well determined. The heat of protonation of THAM
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[tris(hydroxymethyl)aminomethane]in 0.1 mol*dm'3 hydrochloric acid was measured in 
order to check the accuracy and reproducibility of the calorimeter. It is a well known 
standard chemical reaction with enthalpy values already established105"106.
c) Standard Reaction : The protonation of THAM in 0.1 mohdm"3 hydrochloric 
acid at 298.15 K
The enthalpy value for the reaction between [tris(hydroxymethyl)aminomethane] 
(THAM) with hydrochloric acid 0.1 mohdm'3 , was proposed as a suitable test reaction 
in calorimetry by Wilson and Smith107. The reaction is written as follows;
H2NC(CH2OH)3(aq) + H30 + (aq) -» +H3NC(CH2OH)3(aq) + H20  2.7
An aqueous THAM solution (0.2414 mol-dm"3) was placed in the burette and 
incrementally titrated into 50 ml. of HC1 (0.1 mohdm"3) contained in the reaction 
vessel.
The heat of reaction, Qr, was determined over six additions. A chart recorder was 
used to monitor the reaction. After each addition an appropriate electrical calibration 
was carried out.
The reported value for the enthalpy of protonation of THAM with hydrochloric acid in 
water at 298.15 IC is106 -47.49 ± 0.04 kJ.mol" 1*
2.5.4.4. Titration of Crown Ethers with Lithium Salts in Non-aqueous Solvents 
at 298.15 K.
For enthalpy of complexation measurements, a solution of the crown ether (3 -3.5 
xlO"2 mohdm"3) in the appropriate solvent was placed in the burette. Then, 50 ml of 
the appropriate electrolyte ( 8 x 10"4 - 1 x 10"3 mohdm"3) was pipetted into the reaction 
vessel and placed in the calorimetric tray. The whole system was immersed in a 
thermostatic water bath at 298.15 K ± 0.01 K and allowed to reach thermal 
equilibrium. Then, the solution of the crown ether was added for a given time at a 
fixed burette delivery rate (BDR). A chart recorder was used to monitor the reaction.
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After the reaction at least five electrical calibrations were carried out. Corrections for 
enthalpy of dilution of the titrant in the solvent were carried out in all cases. The 
standard enthalpy change and the stability constant (log Ks) for the complexation were 
calculated by the use of a non-linear regression program developed by Alfredo Pacheco 
Tanaka108 (KHNLR3.BAS).
2.5.5. SOLUTION CALORIMETRY
Standard enthalpies of solution were obtained by using the Tronac 450 isoperibol 
calorimeter. Details about calculation of heat exchange between the reaction vessel 
and the surrounding, temperature change and methods used for the calculation of the 
temperature change as well as description of the calorimeter were previously 
mentioned.
The enthalpy of solution, ASH (kJ.mol-3), was calculated using eqn.2.8
ASH  = ^  2.8
n
where Qr is the heat of the reaction, corrected by the heat due to the ampoule breaking 
and n is the number of moles of compound used.
2.5.5.1. Ampoule breaking correction
When the glass ampoule is broken into the vessel, which contains the solvent, there 
is a heat associated with its mechanical break and a heat due to the vaporisation of the 
solvent into the free space of the ampoule. For a given solvent, the heat of ampoule 
breaking must be determined experimentally, and it is related to the vapour pressure of 
the solvent.
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The heat of ampoule breaking was carried out by breaking an empty sealed ampoule 
in the appropriate solvent, and measuring its corresponding temperature change in the 
reaction vessel.
2.5.5.2. Calibration of the Tronac 450 calorimeter by determining the enthalpy 
of protonation of THAM in an aqueous solution of hydrochloric acid at
298.15 K
For the determination of the heat of protonation of THAM, 
Tris(hydroxymethyl)aminomethane, with hydrochloric acid 0.1 mol-dm'3 105, sealed 
ampoules containing accurate amounts of THAM were loaded in the clamp. The 
volume of the hydrochloric acid was 50 ml. The contents of the reaction vessel were 
kept at 298.15 K. After equilibration, the ampoule was broken and the thermogram 
recorded.
The process for the heat of protonation of THAM is described as follows
THAM(s) + HT(aq) - »  [HTHAM]+(aq) 2.9
the enthalpy of protonation was calculated from
A„H = Sc. 2.10
p n
where Qc is the heat associated with the reaction in the calorimeter vessel, after 
correction was applied for the heat of breaking of the empty ampoule, and n is the 
number of moles of THAM.
2.5.5.3. Experimental procedure for the determination of the enthalpies of 
solution
_____________________________________________________ Chapter 2 Experimental
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The reaction vessel was filled with an accurately measured volume of solvent (50 
ml) Ampoules containing known amounts of the appropriate compound were sealed 
and placed in the stirrer. The system was then placed in the thermostated bath and the 
stirrer was switched on. After a period of equilibration, the ampoule was broken, the 
resulting temperature change of the reaction was sensed and registered on a chart 
recorder. After the reaction was performed at least five electrical calibration 
experiments in order to obtain the value of s were carried out. Corrections were 
applied to account for the heat of breaking of empty ampoules in the solvent.
2.6. CONDUCTIVITY M EASUREM ENTS
2.6.1. APPARATUS
The conductance measurements in the present work were carried out using the 
Wayne-Kerr Autobalance Universal Bridge, type B642109.
During a conductance measurement, capacitance and conductance readings are 
monitored on two meters. There are four decades for capacitance and four for 
conductance, which are operated in succession, being each of them supplied with a 
numbered read out. Decimal points are indicated by small signal lamps, which are 
placed between the decade control knobs. These are selected automatically by 
operation of the range switch . The sensitivity of the instrument can be adjusted 
manually by setting the meter sensitivity switch to one of the three manual positions. 
Then, the meter sensitivity is switch to "auto" and the sensitivity will change 
automatically as the first two decade controls are set. The accuracy of the bridge using 
the internal sources was found to be 0.1% provided all decades are in use.
2.6.2. TH E CONDUCTIVITY C E L L
The cell consists of a cylindrical vessel, of about 50 ml of capacity. The cell was 
fitted with two side tubes containing mercury for connection to the platinum
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electrodes. The cell has two holes, one for the dry nitrogen to be passed through the 
cell to provide uniform distribution of the species in solution, as well as to keep the 
solution free of carbon dioxide and the second for successive additions of the stock 
solution. The nitrogen was dried using KOH and then saturated with the solvent.
The conductance cell and its contents were maintained at 298.15 ±  0.01 K in a 
thermostated bath.
2.6.3. PLATINISATION OF THE ELEC TRO D ES IN TH E  
CONDUCTIVITY C E L L  AT 298.15 K
The electrodes were covered by a deposit of finely divided black platinum as 
suggested by Kohlrausch110 in order to minimise the errors due to polarisation, in the 
measurements of the conductance. In order to do it, the cell containing the electrodes 
was filled with the platinising solution (which is a dilute solution of lead acetate and 
hexachloroplatinic acid) (25 ml). The cell was placed in the thermostated bath at
298.15 K. Then a direct current (0.01 A) was passed through the cell reversing the 
polarity every ten seconds for a total of ten minutes. Under these conditions, very little 
hydrogen is evolved. The platinisation process finished when platinum was deposited 
at the electrodes.
2.6.4. DETERM INATION OF THE C E L L  CONSTANT
The cell constant (9) of the conductivity cell was determined using the method 
described by Jones and Bradshaw111.
The cell containing deionised water was kept in a thermostated bath at 298.15 K for 
at least one hour. An aqueous solution of KC1 (0.1000 mol.dm"3) was added by step 
additions. The corresponding molar conductances, Am, were calculated from the 
equation of Lind, Zwolenik and Fuoss112;
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A m = 149.93-94.65cm  + 58.74c.logc +198.4c 2.11
the cell constant, 0, was calculated, from
1 *K - —. 0
R
where k  denotes conductivity and 0, the cell constant.
Then,
k  =  G. 6
and,
. 1000 x k
A,„ =  ------------
c
Therefore,
e  = A ‘« c 
1000. G
where G is the reciprocal of the resistance in siemen (S).
2.6.5. EX PER IM EN T A L PROCEDURE
Before starting an experimental run the conductance cell was first cleaned with 
deionised water, dried and weighed accurately. It was then filled with the solvent (-20  
ml). The cell was then firmly clamped in the thermostated bath and left to reach 
thermal equilibrium while a slow stream of dried saturated nitrogen was passed 
through it. To minimise the shaking effect and to obtain consistent resistance readings, 
the bridge was balanced immediately after the nitrogen flow had been shut off. When 
no readings were taken, the solution was always kept agitated by a slow stream of 
nitrogen.
After thermal equilibrium was reached (-one hour) the conductivity of the solvent 
was measured. Electrolyte solutions of various concentrations were made by the 
addition from a syringe of small quantities of the stock solution to the solvent
2 .1 2
2.13
2.14
2.15
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contained in the cell. After each addition, (~1 ml) the conductance was measured once 
thermal equilibrium was reached. The total volume of electrolyte solution used was 
approximately 15 ml. The stock solution of ligand in the same solvent (-0.05 mol-d3) 
was added into the cell using the same procedure. For each step, the volume was 
measured, and the conductivity reading was taken. The molar conductance, Am, the 
complex formation equilibrium constant, Ks, and the ion-pair formation constant, Ka', 
were calculated using the TURBO Basic program.
2.7. N UCLEAR MAGNETIC RESONANCE (NMR) 
SPECTRO SCO PY.
2.7.1. lH  NMR M EASUREM ENTS.
iH NMR measurements were carried out in a Brucker AC-300 NMR 
spectrophotometer at a spectral frequency (SF) of 300.135 MHz, delay time of 1.60 s, 
acquisition time (AQ) of 1.819 s, and a line broadening (LB) of 0.55 was applied.
Solutions of crown ethers in CD3CN [(1-5) x 10“3 mol-dm"3 ] were placed in 5 mm. 
NMR tubes, using TMS as the internal reference to measure the spectrum of the 
ligand. Then, lithium salt solutions in CD3CN [(1-2) x 10"^ mol-dnr3] were added to
obtain the NMR spectrum of the lithium crown complex. All NMR measurements 
were carried out at 298 K.
2.7.2. 13C NMR M EASUREM ENTS
13C NMR measurements were carried out on a Brucker AC-300 MHz 
spectrophotometer. For these measurements, SF, 75.469, SW, 301.15 MHz; pulse 
width, 350, delay time, 0.279 s, acquisition time, 0.721 s, and a line broadening of 0.55 
were used.
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Crown ether solutions in CD3CN [(1-2) x IO-3 mol.dm-3] placed in 10 ml NMR 
tubes were used to measure the spectrum of the ligand using TMS as the internal 
reference. Then, additions of lithium salt solutions in CD3CN [(2-3) x 10-3 mol.dm"3] 
were made at 298 K to investigate complex formation.
_____________________________________________________ Chapter 2 Experimental
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C H A P T E R  III 
R E S U L T S  A N D  D I S C U S S I O N
Chapter 3 Results and Discussion
Since the incremental titration calorimetric technique using the Tronac 450 
calorimeter was used to determine the thermodynamic parameters for the complexation 
of lithium with crown ethers in different solvents as described in the experimental 
section, the results obtained for the calibration of the burette and the standard reaction 
used to check the reliability of the equipment are first presented.
3.1. CALIBRATION OF THE BU RETTE
The burette calibration for the Tronac 450 calorimeter was carried out as indicated 
in the experimental section in order to calculate the moles of reactant added to the 
reaction vessel. The data obtained for the Burette Delivery Rate (BDR) are given in 
Table 3.1 and Fig. 3.1.
time (s)
Fig. 3.1. Plot of volume of distilled water delivered by the burette against 
time at 298.15 K
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Table 3.1. Burette Delivery Rate (BDR) of distilled water at 298.15 K.
t/s g V/ml BDR/ 
ml* s'1
2 2 .5 7 0 .1 0 3 2 0.1033 4 .5 7 7  x IO"3
2 4 .0 5 0 .1 0 8 9 0 .1 0 9 0 4 .5 3 2  x  IO"3
21 .63 0 .0981 0 .0982 4 .5 4 0  x  IO"3
2 1 .9 9 0 .0 9 8 4 0.0985 4 .4 7 7  x IO '3
2 1 .4 0 0 .0 9 6 7 0 .0968 4 .5 2 2  x  IO '3
2 1 .6 8 0 .0975 0 .0976 4 .5 0 0  x  IO"3
2 1 .3 7 0 .0 9 6 6 0 .0967 4 .5 2 5  x  IO"3
2 0 .8 6 0 .0 9 4 2 0.0943 4 .5 1 8  x  IO"3
2 1 .3 7 0 .0965 0.0965 4 .5 1 8  x  IO"3
20 .9 8 0 .0 9 6 0 0.0961 4 .5 8 0  x IO"3
Average BDR = (4.53 ±0.03) x 10-3 ml.s"1
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3.2. STANDARD EN TH ALPY OF PROTONATION O F THAM  
IN AQUEOUS SOLUTION OF HYDROCHLORIC ACID AT  
298.15 K  USING TH E TRONAC 450 C A LO R IM ETER
The enthalpy of protonation of THAM in a 0.1 mol-drn' 3 aqueous solution of 
hydrochloric acid at 298.15 K was measured as the standard reaction in order to check 
the accuracy and reproducibility of the calorimeter. It was proposed as a suitable test 
reaction in calorimetry by Wilson and Smith107.
The process refers to the following reaction:
THAM(aq.) + fT(aq) -> HTHAM+(aq.) 3.1
where the protonation constant, Kp is defined by
K _ [HTHAM+] 32
P [THAM]. [H+ ]
The enthalpy of protonation, APH is expressed as,
QpA H  =  -2 - 3.3
n
where n is the number of moles of protonated THAM, and Qp is the heat of 
protonation.
The corrections applied to calculate Qp are summarised in eqn. 3.4
Qp = Qr - Qh - Qd 3.4
In this equation, Q r  is the incremental heat and it was determined over eight additions. 
However, this should be corrected for the heat due to the hydrolysis of THAM in 
water, Qh, and to the heat of dilution of THAM in the volume of water placed in the 
reaction vessel, Qd.
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The reaction for the hydrolysis of THAM is represented by eqn. 3.5
THAM + H20  -> HTHAM+ + OH-  AhH° 3.5
where AhH° is the enthalpy change due to the hydrolysis of THAM in water; and the 
hydrolysis constant, Ku (expressed in molar concentrations) is given by
K = [HTHAM+] . [Off] 3 6
11 [THAM]
The concentration of OH in the initial solution of THAM in the burette can be 
calculated from
Kw = [H1]. [OH- ] 3.7
OH' = 3.8
[H ]
From eqns. 3.6 and 3.8
[HTHAM+]. K=  j - - w , 3 9
[THAM] . [H ]
Taking into account the reciprocal of eqn. 3.2 it follows that,
=  [ I H A M L j n  3 j o
K"a- [HTHAM+ ]
Therefore, eqn. 3.9 can be written as,
KK h = 3.11
11 Ko.
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A log Kh value of -5.929" was used to calculate the concentration of OH in the initial 
solution
From eqn. 3.6, it follows that
[HTHAM+] = [OH'] =  (Kh [THAM])^ 3.12
The initial concentration of THAM was 0.2414 mol-dm'3. When [OH ] = 5 .3 3 2 x l0 '4 
mol-dm"3, [THAM] = 0.2409 mol.dm'3 was calculated.
The heat associated with the hydrolysis reaction was calculated from
Qh = [OH~]-V- AwH° 3.13
where V is the volume added from the burette in each step, and AWH° is the heat of 
formation of water; AwH° = -55,81 kJ-mol'1 " .
Considering that the heat due to dilution, Qd in water was found to be negligible, eqn. 
3.4 is reduced to
Qp = Qr - Qh 3.14
Therefore, the enthalpy of protonation of THAM is given by,
A H ” =  ±   3.15
p [THAM] . V.
Data for the enthalpy of protonation of THAM in a 0.1 mol.dm'3 aqueous solution of 
HC1 at 298.15 K derived from the Tronac 450 calorimeter are shown in Table 3.2.
The average value (APH0= - 47.45 ± 0.35 kJ-mol"1) reported in this table is in good 
agreement with the value reported by Ojelund and Wadso106 (APH°= -47.49 ±  0.04 
kJ-mol'1).
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Table 3.2. Enthalpy of protonation of Tris(hydroxymethyl)-aminomethane (THAM) in 
0.1 mohdm"3 aqueous solution of hydrochloric acid at 298.15 K, using the 
Tronac 450 calorimeter
V Qr Qh Qp APH
ml. J J J kJ-mol"3
0.0842 -0.9632 -0.002505 -0.9607 -47.37
0.0842 -0.9667 -0.002505 -0.9642 -47.54
0.0841 -0.9621 -.002502 -0.9596 -47.37
0.0840 -0.9761 -0.002499 -0.9736 -48.12
0.0839 -0.9572 -0.002496 -0.9547 -47.24
0.0848 -0,9648 -0.002523 -0.9623 -47.11
Standard enthalpy of protonation of THAM, APH° = -47.45 ±0.35 kJ-mol"1
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3.3. ANALYSIS OF DATA FO R THE DETERM INATION OF  
TH E EQ U ILIBRIU M  CONSTANT AND TH E EN TH A LPY  
CHANGE FO R A 1:1 COM PLEXATION PROCESS.
According to the strategy outlined in the introduction, the first priority was to 
determine the stability constants of lithium-crown ether complexes in solvents 
commonly used in batteries. Thus, titration calorimetry was used to determine the 
stability constant (log Ks) of the binding process as well as the enthalpy associated with 
this reaction. Therefore, the procedure used for the calculation of the equilibrium 
constant and the enthalpy change is described108.
Four steps are involved in the calculation of the equilibrium constant, Ks, and the 
enthalpy change, ACH, for the complexation process. These are
a) The experimental determination of the gross heat produced in the reaction vessel, 
qt, in each step.
b) The calculation of all correction terms resulting from heat effects taking place in the 
reaction vessel, other than those due to the chemical reaction.
c) The calculation of the concentration of titrant and titrate in each step.
d) The evaluation of Ks and ACH using a minimisation program.
a) Determination of the gross heat
The change in temperature produced in the reaction vessel was detected by the 
thermistor, converted into a voltage signal and registered on a strip chart recorder
The heat evolved or absorbed in the reaction as voltage,Vr, measured as the 
distance (mm) in the chart recorder, was converted into heat values using a calibration
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factor obtained from an electrical calibration. The method of correction suggested by 
Dickinson was used100.
qt = sc -Vr 3.16
b) Calculation of the dilution correction term.
Heat of dilution measurements were carried out under the same conditions as those 
for heats of complexation except that the reaction vessel contained only the solvent. 
The heat of dilution for each step was subtracted from the total heat measured and the 
data were introduced in the CALLA.BAS computer program available at the 
Thermochemistry Laboratory108.
c) Calculation of concentrations of titrant and titrate.
In order to determine simultaneously Ks and ACH the following parameters are 
required
i) initial concentration of titrant, Ao
ii) initial concentration of titrate, B0
iii) heat obtained in each step, q;
iv) rate of burette delivery, r ( ml-s'1)
v) delivery time in each step, t;
The concentrations of A and B in each step, /, are calculated from eqns. 3.17 and
These calculations were carried out using the CALLA.BAS108 computer program.
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d) Determination of K« and AH for a 1:1 complexation process
The equilibrium for a 1:1 complexation process between a metal-ion (Mn+), and a 
macrocyclic ligand (L), in the solvent (s) can be expressed as,
Mn+(S) + L(s) o  MLn+(S) 3.19
The thermodynamic stability constant, Ks, associated with process 3.19 is given by 
eqn. 3.20.
£  =  a ML,1+ =  [ M L  ] .  /  MLn+ ^  ^
aM„+. a L [Mn+]. [L]. r L 
where a and y denote the activity and the activity coefficient; respectively
In these calculations it was assumed that the activity coefficient of the uncharged 
ligand, yL, is equal to unity and that Ym " + and Ym l" + have identical values. Therefore, 
the equilibrium constant, Ks, is given by,
Ks =  PV)L  Jl—  3.21
[M ]; . [L](
The molar concentration of the various species in the reaction vessel in each step i 
are calculated from,
[ ! < +  =  [Mn+]j + [MLI1+]j 3.22
[Lt]i = H i  + [MLn+]j 3.23
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In eqns. 3.22 and 3.23, [Mn+t]i and [Lt]i are the total concentrations of the metal-ion 
and ligand; [Mn+];, [Lfr, and [ML”4]; are the concentrations of the metal-ion, ligand and 
complex in the equilibrium; respectively.
Combination of eqns. 3.21, 3.22 and 3.23 leads to
[MLn+]j1C = -------------------- 1------- ii  3.24
- [MLn+]j) ( [L Ji - [MLn+]i)
Rearrangement of eqn. 3.24 gives
FMLn+l.
([[M "+]i - [ML“+]i) ( [L J ;  - [ML'1+]i) - _  o 3.25
[ML"+]f - [ML^JiCCMfli +  [LJi + ± )  +  [M r],[L Ji =  0 3.26
is.*
([M "+]i + [ L J ,  +  ± )  ±  J f l M n ,  + [ L J ,  + ± ) 2 - 4 [ M r ] , [ L J i  
[MLn+]j =     *------ —------------------ --------------------------- 3.27
The heat associated with each step / of the reaction, Qj, is related to [MLn+]i by,
Qi =  AH • [MLn+]i • Vi 3.28
where AH is the enthalpy of the reaction and Vj is the volume in each step /.
With known data (time, rate of burette, concentration of the ligand, L, in the burette 
and concentration of the salt in the vessel), the concentrations of [Lt]i, and [Mn+t]i in 
the vessel in each step, of the titration were determined using the CALLA.BAS 
computer program108. The program KHNLR3.BAS108 was employed to determine the 
stability constant, Ks and the enthalpy of complexation, ACH. This program is based on 
the least square non-linear regression method used to minimise eqn. 3.27113.
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3.4. THERMODYNAMIC, STRUCTURAL AND CONDUCTANCE 
STUDIES ON THE INTERACTION OF LITHIUM AND CROWN 
ETHERS IN DIPOLAR APROTIC SOLVENTS AT 298.15 K.
of the investigations involving macro cycles and lithium will be presented and discussed 
under the following main headings
i) Solution Thermodynamics of lithium-crown ether systems in acetonitrile, 
propylene carbonate and tetrahydrofuran at 298.15 K. Derived enthalpies of 
coordination.
ii) and 13C NMR studies of lithium-crown ether systems in acetonitrile (CD3CN) 
at the standard temperature
i) Conductance studies in propylene carbonate at 298.15 K
Following the aims of the work outlined in the introduction of this thesis, the results
(a) l-aza-12-crown-4 (b) 15-crown-5
(c) 4'-aminobenzo-15-crown-5 (d) 4'-nitrobenzo-15-crown-5
Fig. 3.2. Structures of crown ethers involved in this thesis.
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3.4.1. SOLUTION THERMODYNAMICS OF LITHIUM-CROWN ETHER 
SYSTEMS IN ACETONITRILE, PROPYLENE CARBONATE AND 
TETRAHYDROFURAN AT 298.15 K. DERIVED ENTHALPIES OF 
COORDINATION.
The thermodynamic parameters to be discussed in this section are summarised in the 
following cycle11.
M+X'(sol.) +  CE(sol. orUq.) M+CEX(sol)
(5)
ASP° ASP° ASP°
(2) (3) (4)
I  >r  y r
M (s) +  x (s) +  CE(s) ------ 5------ > M + C E (S) +  X (S)
(1)
3.29
P° =  G°, H°, S°
In this cycle step 1 is referred to the complexation process (ACG°, ACH° and ACS°) 
between a cation (IVT) and a crown ether (CE) to give the metal-ion complex (M+CE) 
in a given solvent (s). Steps 2, 3 and 4 refer to solution processes (ASG°, ASH° and 
AsS°) involving the electrolyte containing the free cation; the crown ether and the 
lithium coronand electrolyte; respectively. Step 5 is referred to the coordination 
process, (ACOordP°), involving reactants and product in their pure physical state (solid; 
sol. or liquid; liq.). The following gives an account on thermodynamic aspects of 
complexation of the corresponding crown ethers (l-aza-12-crown-4 or 15-crown-5) 
and lithium in acetonitrile and in propylene carbonate at 298.15 K. Salts containing 
different anions were used as sources for lithium.
3.4.1.1.Thermo dynamics of Complexation of Lithium and l-aza-12-crown-4 in 
Acetonitrile and in Propylene Carbonate at 298.15 K.
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For the derivation of thermodynamic data for the complexation process, titration 
calorimetry was the technique adopted. One of the main advantages of this technique 
is that not only the stability constant can be derived but also the enthalpy associated 
with the complexation process, and therefore, information on Gibbs energies and 
entropy changes, can be obtained. The magnitude of stability constants for interactions 
between lithium and the crown ethers studied are within the scope of calorimetry. 
Hence, this was the technique used.
The relationship between the thermodynamic stability constant of a complex, Ks, 
and the change in Gibbs energy, ACG°, is given by,
ACG° = -RT In Ks 3.30
Combination of the Gibbs energy, ACG°, and the enthalpy of complexation, ACH°, 
yields the entropy of complexation of the process, ACS°, using the following 
expression,
ACG° = ACH° - TACS° 3.31
known as the Gibbs-Helmoltz equation, which allows the calculation of ACS°, when 
ACG° and ACH° are available from experimental data.
Stability constants (log Ks) and derived Gibbs energies, enthalpies and entropies of 
complexation of lithium and l-aza-12-crown-4 (lA12C4)in acetonitrile and in 
propylene carbonate at 298.15 K are presented in Tables 3.3 and 3.4; respectively. 
Acetonitrile (s =  37.5 at 298.15 K)12 and propylene carbonate (s =  66.1 at 298.15 K)12 
are solvents of lower permittivity than water (e -  78.5 at 298.15 K) 12 and therefore, it 
was considered important to check the possibility of ion-pair formation between the 
free or complexed cation and the anion in these solvents since their presence could lead 
to misleading thermodynamic data for the complexation process. In order to assess 
any possible contribution from ion-pair formation, lithium salts containing different 
anions were used as sources for lithium. The anions constituent of these salts are 
characterised by high polarisability and therefore, these are less likely to enter ion-pair
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formation than small anions (chloride, fluoride) with high charge density. The results 
shown in these tables reflect that, within the experimental error, hardly any variation is 
found in log Ks and A0H° values for these systems. Therefore, the data are referred 
exclusively to the complexation process and this is corroborated from the results 
obtained from NMR studies discussed later. It must be noted that as far as 
enthalpies are concerned, heats of dilution of l-aza-12-crown-4 (titrant) in the 
appropriate solvent were determined and found to be negligible in these solvents. The 
individual errors in log Ks and ACH° ( expressed as twice the standard deviation of the
n
mean) were calculated using the expression s =  [^ (x j  -  x)2 / (n - 1)]1/2 , where n is
i=l
the number of data (at least five) for each calorimetric run.
In general terms, the thermodynamic data listed in Table 3.3 show that for these 
systems, the complexation process is enthalpically (negative ACH° values) and 
entropically (positive ACS° values) favoured but enthalpy controlled. Positive entropy 
values are usually found in systems where a strong desolvation of cation or ligand or 
both occur upon complexation.
As far as this ligand is concerned, no thermodynamic data have been reported in the 
literature for the complexation of alkali-metal cations and l-aza-12-crown-4.
It is evident from the literature review that data for related systems are available and 
for useful comparison these are recorded in Table 3.5 so the data given in this table can 
be analysed in terms of the ligand, the cation and the solvent.
a) As far as the ligand is concerned, these are discussed in terms of the factors 
outlined in the Introduction of this thesis.
i) Relative size of the cation and the hole of the crown ether.
From Table 1.1 it can be seen that the diameter of lithium cation (1.48 A)9 fits well 
into the hole of 12-crown-4 (1 .2- 1 .5 A)10. Considering benzo-12-crown-4 (B12C4) 
and benzo-13-crown-4 (B13C4) the increase of the size of the hole in going from
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the former to the latter crown ether has a considerable effect on the complexation 
stability of these crowns and lithium in acetonitrile. However, it will be an over 
simplification to discuss the factors which affect the complexation process 
considering only the match between size of the cation and diameter of the crown- 
ether. As many authors11,12 stated on the basis of experimental data, the solvation 
of the ligand, the free and complexed cation play a very important role in the 
complexation process and this is discussed later.
ii) Effect of the donor atom.
The effect of the donor atom is illustrated by considering thermodynamic data for 
12-crown-4 with respect to l-aza-12-crown-4 (Table 3.5). Thus, replacement of 
one oxygen in 12-crown-4 by a nitrogen in l-aza-12-crown-4 leads to a 
considerable increase on the complex stability of l-aza-12-crown-4 and lithium in 
acetonitrile and propylene carbonate. As far as the enthalpies of complexation are 
concerned, the enthalpy of complexation of 12-crown-4 and Li+ is slightly higher 
than that for l-aza-12-crown-4 and this cation which may be attributed to a higher 
desolvation of the cation upon complexation with the latter with respect to the 
former ligand. This is best reflected in the more favourable entropy associated with 
complex formation of Li+ and l-aza-12-crown-4 relative to the same process with 
12-crown-4. Therefore, the higher stability of the Li+-1 -aza- 12-crown-4 complex 
results from the more favourable entropy of the former relative to the latter.
iii) Effect of substituents in the macrocycle structure.
The literature review shows that the introduction of substituents in the structure of 
crown ethers may alter the binding properties of these ligands for metal cations. 
Thus, in a medium like acetonitrile (Table 3.5) there is a decrease in lithium 
complex stability in moving from 12-crown-4 to benzo-12-crown-4. This results 
from the electron withdrawing effect of the substituent in benzo-12-crown-4 which 
lowers the electronegative character of the oxygen atoms which are known to be 
the active sites of complexation of this ligand with the metal cations. The effect of 
the substituent is reflected in the lower enthalpic stability (less exothermic) and the
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more unfavourable entropy (more negative) observed in the complexation of lithium 
and benzo- 12-crown-4 relative to 12-crown-4 in acetonitrile. As far as l-aza-12- 
crown-4 is concerned, taking 12-crown-4 as the reference ligand, it seems that the 
N donor atom in this ligand has a more favourable effect on the stability of the 
lithium complex in acetonitrile than the substituents in tetramethyl-12-crown-4 
(TM12C4). Substituents effects are clearly shown in the complexation data for 
lithium and 12-crown-4, l-aza-12-crown-4 and 1 -benzyl-l-aza-12-crown-4 
(BA12C4). Thus, the more polarisable nitrogen atoms afford a much stronger 
dipolar interaction as reflected in the higher stabilities of 1A12C4 and BA12C4 with 
lithium in both solvents relative to 12C4. Major features are observed in the 
enthalpy and entropy contributions. Thus, the complexation of a tertiary amine 
(BA12C4) with lithium is characterised by a higher enthalpic stability than that for 
1A12C4 (secondary amine) which may be attributed to a lower enthalpy of ligand 
desolvation (endothermic process) in the former relative to the latter ligand. This is 
also corroborated by the more favourable entropy changes (positive) observed in 
the binding of lithium to 1A12C4 relative to its benzyl derivative in these solvents 
which are typical of processes in which strong desolvation occurs upon 
complexation.
b) The solvent effect on the complexation of l-aza-12-crown-4 and the lithium cation 
can be discussed on the basis of the Gibbs energy for the transfer process of the lithium 
cation from acetonitrile to propylene carbonate (AtG^Lf] (a n -> p c ) = -3.8 kJ.mol'1, data 
based on the Ph+AsPtuB convention114,115). Thus, the higher stability observed for Li+- 
1A12C4 in acetonitrile relative to propylene carbonate ( A c G ° an - A c G ° p c :::: -2.8 kJ.mof1) 
may be attributed to the higher solvation of Li+ in propylene carbonate relative to 
acetonitrile. The differences observed in the stability of these complexes in these 
solvents are mainly due to the differences in the solvation of this cation in propylene 
carbonate and acetonitrile.
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Table 3.3, Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation of l-aza-12-crown~4 and lithium in acetonitrile at 
298.15 K
Electrolyte log Ks ACG°
kJ-mol"1
ACH°
kj-.mol"1
ACS°
JTC^mol'1
LiAsFg 4.23 ±0.34 -24.15 ±0.84 -18.84 ± 1.70 17.8
LiBF4 4.24 ±0.12 -24.20 ±  0.44 -19.91+0.48 14.4
LiCF3S03 4.23 ±0.86 -24.15 + 0.58 -18.69 +  1.06 18.3
Table 3.4. Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation of l-aza-12-crown-4 and lithium in propylene carbonate 
at 298.15 K
Electrolyte log Ks ACG°
kJ-mof1
ACH°
kj-.mol' 1
ACS°
J-K'^mof1
LiAsF6 3.67 + 1.06 -20.95 +6.04 -14.78 + 1.64 20.7
LiBF4 3.69 ±0.44 -21.06 + 2.50 -14.63+0.64 21.6
LiCF3SQ3 3.87 + 0.84 -22.09 + 0.36 -15.08 + 0.66 23.5
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Table 3.5. Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation of lithium and crown ethers in acetonitrile and 
propylene carbonate at 298.15 K
Acetonitrile
Crown ether logKs ACG°
kj-mol"1
ACH°
kJ-mol"1
ACS°
JK-fmol-1
Reference
12C4 3.40“ 37
3.38b -19.29 -21.92b -8.8 67
3.14a 68
1A12C4 4.23b -24.17 -19.16b 16.8 (c )
TM12C4 3.46a -19.75 — — 37
B12C4 1.05b -6.08 -18.6b -42 116
1BA12C4 4.29b -24.50 -27.66b -10.9 67
B13C4 2.4d -13.70 - - 39
Propylene carbonate
12C4 2.93e - 36
2.81b -16.15 -16.94b - 2.2 67
2.23d 117
1A12C4 3.74b -21.37 -14.83b 21.9 ©
1BA12C4 4.35b -24.80 -24.39b 1.35 67
“Conductivity; bCalorimetry; cThis work, average of values shown in Table 3.3; d lH  
NMR; cPotentiometry; fThis work, average of values shown in Table 3.4.
101
Chapter 3 Results and Discussion
3.4.1.2.Thermodynamics of Complexation of Lithium and 15-crown-5 in 
Acetonitrile and Propylene Carbonate and Lithium and 4'-aminobenzo- 
15-crown-5 and 4'-iiitrobenzo-15-crown-5 in Acetonitrile at 298.15 K
This section focuses on the complexation process involving 15-crown-5 (15C5) and 
lithium salts containing different polarisable anions such as hexafluoroarsenate, AsF6~; 
tetrafluoroborate, B F / ;  and trifluromethanesulfonate, CF3SO3 in acetonitrile and in 
propylene carbonate. As far as 4'-aminobenzo-15-crown-5 (4NH2B15C5) and 4'- 
nitrobenzo-15-crown-5 (4N02B15C5) are concerned, thermodynamic studies for the 
complexation of these ligands with lithium were carried out in acetonitrile at 298.15 K. 
For the derivation of thermodynamic data, titration calorimetry was the technique 
adopted and the work was carried out using the Tronac 450 calorimeter. As far as 
enthalpies are concerned, heats of dilution of the titrant (macrocyclic ligands) in the 
appropriate solvent were determined and found to be negligible in these solvents.
Tables 3.6 and 3.7 list stability constants (log Ks) and derived Gibbs energies, 
enthalpies and entropies values for the complexation of 15-crown-5 with lithium in 
acetonitrile and in propylene carbonate; respectively; at 298.15 K. Hardly any 
variation was found for the stability constants and the enthalpies of complexation for 
this crown ether with different lithium salts, which reflect that these processes are 
anion independent. Thus, side processes such as ion-pair formation are not taking 
place in these solvents. Therefore, the data are referred to the complexation process 
and this is corroborated from NMR studies discussed later. The data presented in 
these tables show that for these systems, the complexation process is enthalpy 
controlled.
In order to assess the effect of benzo substituents in the structure of 15-crown-5, 
the interactions between lithium and 4'-amino-benzo-15-crown-5 and 4'-nitro-benzo- 
15-crown-5 in acetonitrile at 298.15 K were studied. Thus, Tables 3.8 and 3.9 report 
stability constant (log Ks) values, and derived Gibbs energies, enthalpies and entropies 
for the complexation of lithium and these crown ethers in this solvent. The
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thermodynamic data reported in these tables reflect that the complexation process for 
these systems are enthalpically and entropically favoured, where ACH° < 0 < TACS°. 
As far as the enthalpy of complexation values are concerned hardly any variation was 
found for these systems. However, higher complexation stability constant values were 
found for 4'-amino-benzo-15-crown-5 and lithium relative to 4'-nitro-benzo-15-crown- 
5, which may be due to the effect of the N 02 group (electron withdrawing) relative to 
the NH2 group. Thus, upon complexation higher desolvation of lithium with 4'-amino- 
benzo-15-crown-5 may occur, as reflected in the more favourable entropy associated 
with the interaction of lithium and this crown ether relative to the same process with 
4,-nitro-benzo-15 -crown-5.
In order to proceed with a detailed interpretation, the results obtained in this work 
are compared with corresponding data reported in the literature (Table 3.10). As far 
as the interactions between 15-crown-5 and lithium are concerned, Smetana and 
Popov15 reported log Ks values for these systems in acetonitrile and in propylene 
carbonate determined by 7Li NMR at 300 K, however for the calculation of the 
enthalpy of complexation determined by calorimetry the temperature at which these 
measurements were carried out was not reported. Therefore, these values are not 
considered in the discussion. The log Ks values reported in the literature37,52, 68 for the 
same system in acetonitrile differ from the data obtained in this work. These data were 
derived from conductance measurements. Although the same technique was used by 
Hopkins , D'Aprano and Takeda , the stability constant value reported by the 
former author differ by approximately two log units from those reported by the latter 
authors. However, it should be emphasised that many variables are involved in the 
derivation of Ks values from conductance data (Am°, \+°, ICa, Ka', and Ks). Therefore, 
these data may be subjected to large errors than those obtained calorimetrically. The 
data obtained in this work, result from several determinations using lithium salts 
containing different anions and good agreement is observed among the data obtained. 
Therefore, the discussion will proceed taking into account the values reported in this 
thesis. These data are recorded in Table 3.10 and can be analysed in terms of the 
ligand, the cation and the solvent.
_____________________________________________Chapter 3 Results and Discussion
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a) As far as the ligand is concerned 
i) Effect of the donor atoms.
From the literature review, the effect of the different nature of the donor atoms on 
the complexing properties of the crown ethers for the metal cations was 
demonstrated. This effect is reflected in the complexation of 15-crown-5 and diaza- 
15-crown-5 in propylene carbonate (Table 3.10). Thus, the thermodynamic data 
presented in this table show that the replacement of two of the oxygen donor atoms 
in 15-crown-5 by NH in diaza-15-crown-5 does not affect the value for the stability 
constant of complexation. However, the lower enthalpy of complexation (less 
exothermic) found for diaza-15-crown-5 is compensated by the higher entropy 
(more positive) relative to 15-crown-5, which could be attributed to a higher 
desolvation of lithium upon complexation with the former relative to the latter 
ligand.
i) Effect of the substituent in the macrocycle structure.
As far as thermodynamic data for the complexation of 15-crown-5 and its 
derivatives with lithium in acetonitrile and propylene carbonate at 298.15 K are 
concerned (Table 3.10), the results show that the stability of this cation with 15- 
crown-5 is greater than that for the benzo-substituted derivative and lithium in this 
solvent.. As expected the presence of a benzo group in 15-crown-5 lowers the 
electronic density of the oxygen atoms close to the ring and consequently, a 
decrease in stability for lithium is observed in its complexation with the aromatic 
crown relative to 15-crown-5.
The introduction of substituents in the benzene ring of the 15-crown-5 derivative is 
reflected in the data for the interaction of 4'-amino benzo 15-crown-5 and 4'-nitro 
benzo- 15-crown-5 with lithium in acetonitrile. Thus, the increase in electronic density 
of the oxygen in para position relative to the amino group appears to make a 
significant contribution to the stability enhancement of 4'-NH2-15C5 relative to 
B15C5. On the other hand, the introduction of a N 02 group (electron withdrawing)
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does alter signifcantly the stability of the complex relative to the unsubstituted benzo 
derivative.
b) As far as the metal cation is concerned, stability constants and Gibbs energies, 
enthalpies and entropies of complexation of alkali-metal cations and 15-crown-5 in 
acetonitrile and in propylene carbonate at 298.15 K are shown in Table 3.11. 
Values for log Ks reported in this table reflect the variation in the data presented by 
different authors using different techniques. Generally speaking, in a given solvent 
the stability of the complexes is higher for Na+-15C5 than for other alkali-metal 
cations.
c) As far as the solvent is concerned, Table 3.12 shows stability constant values for the 
complexation of lithium and 15-crown-5 in methanol, propylene carbonate and 
acetonitrile at 298.15 K. The effect of the solvent is best reflected by considering 
the single-ion transfer Gibbs energies for lithium from methanol to acetonitrile (AtG° 
Li+ (MeOH-»AN) = 19.4 lcJ.mol'1); and to propylene carbonate (AtG° Li+ (MeOH->PC) 
=  15.6 kJ.mof1)12 data based on the PlqAsPluB convention114,115. The data reflect 
that among the solvents considered, lithium is best solvated in methanol (protic 
solvent) and poorly solvated in propylene carbonate or acetonitrile. The solvation 
follows the sequence MeOH > PC > AN. In fact, log Ks values (Table 3.12) 
follows the opposite sequence AN > PC > MeOH. These findings strongly suggest 
that there is a strong competition between ligand and solvent for the cation. Thus, a 
solvent which is a good solvator for the cation offers a poor medium for 
complexation.
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Table 3.6. Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation of 15-crown-5 and lithium in acetonitrile at 298.15 K.
Electrolyte log Ks ACG° ACH° ACS°
kJ-mof1 kj-mol’1 J-K^-mol'1
LiAsF6 4.22 ±0.10 -24.09 ± 0.56 -24.30 ±0.32 -0.7
LiBF4 4.44 ±0.24 -25,34 ±1.36 -25.34 ±0.66 0.0
LiCF3S03 4.40 ±0.14 -25.12 ±0.80 -24.15 ± 1.74 3.0
Table 3.7. Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation of 15-crown-5 and lithium in propylene carbonate at 
298.15 K.
Electrolyte log Ks ACG° ACH° ACS°
kJ-mol' 1 kJ-mol"1 J-K^-mol' 1
LiAsF6 3.97 ±0.46 -22.66 ±2.62 -21.27 ±0.28 4.7
LiBF4 4.21 ±0.84 -24.03 ±4.80 -20.44 ± 0.78 12.0
LiCF3S03 4.23 ± 0.28 -24.15 ±1.60 -23.11 ±0.62 3.5
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Table 3.8. Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation of 4'-amino-benzo-l 5-crown-5 and lithium in acetonitrile 
at 298.15 K.
Electrolyte log Ks ACG°
kJ-mol'1
ACH°
kJ-mol'1
ACS°
JTC^mof1
LiAsF6 4.27 + 0.15 -24.36 + 0.88 -20.11 ± 1.33 14.3
LiBF4 4.12+0.11 -23.53 +0.60 -20.17 + 2.87 11.3
LiCF3S03 4.03+0.16 -23.02 +  0.90 -21.29 + 1.76 5.8
Table 3.9, Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation of 4'-nitro-benzo-15-crown-5 and lithium in 
acetonitrile at 298.15 K.
Electrolyte log Ks ACG°
kJ-mol' 1
ACH°
kJ-mol"1
ACS°
J-K'^mol' 1
LiAsF6 3.91 + 0.06 -22.32 + 0.34 -20.52 +  0.74 6.1
LiBF4 3.81 ±0.06 -21.77 + 0.36 -20.26 +  0.72 5.0
LiCF3S03 3.66 + 0.13 -20.89 + 0.72 -20.82 + 1.07 0.2
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Table 3.10. Stability constants and derived Gibbs energies, enthalpies and entropies 
for the complexation of 15-crown-5 and its derivatives and lithium in acetonitrile 
and in propylene carbonate at 298.15 K.
Crown ether log Ks ACG° 
kJ-mol" 1
ACH° 
1<J-mol"!
ACS°
JK-kmor1
Reference
Acetonitrile
15C5 4.35° -24.85 -24.60“ 0.8 (b)
3.58° 68
3.60° 37
5.34c 52
B15C5 3.20° -18.39 -17.5“ 3 116
4NH2B15C5 4.14a -23.64 -20.52“ 10.5 (d)
4N02B15C5 3.79“ -21.66 -20.53“ 3.8 (e)
Propylene Carbonate
15C5 4.13“ -23.61 -21.61“ 6.7 (f)
4.03s -22.9 -20.8“ 7.0 54
4.26° 38
B15C5 3.77° 118
DA15C5 4.12s -23.4 -16.3“ 23.8 54
16C5 3.25° 52
“Calorimetry; bThis work, average of values shown in Table 3.6; cConductivity; dThis 
work, average of values shown in Table 3.8; eThis work, average of values shown in 
Table 3.9; fThis work, average of values shown in Table 3.7; 8Potentiometry.
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Table 3.11. Stability constants and derived Gibbs energies, enthalpies and entropies for 
the complexation o f 15-crown-5 and alkali-metal cations in acetonitrile 
and in propylene carbonate at 298.15 K.
Alkali-metal
cation
log Ks ACG°
kj-mol"^
ACH° 
kJ-mol" ^
ACS°
JK^-mol"1
Reference
Acetonitrile
Li+ 4.35n -24.85 -24.603 0.8 (b)
3.60c 37
3.58° 68
5.34° 52
Na+ 5.28c 37
4.44c 68
K+ 4.33a -24.61 -32.0a -24.8 19
2.98c 37
3.67c 68
3.98° 52
Rb+ 3.98° -28.6a -20.1 19
3.42° 52
Cs+ 3.IT -21.T -33.6 19
3.14c 52
Propylene Carbonate
Li+ 4.13a -23.61 -21.61® 6.7 (d)
4.26c 118
4.03e -22.89 -20.8a 7.0 54
Na+ 3.7° 118
4.87e -27.7 -31.9a -14.1 54
K+ 3.41c 118
3.78f -21.5 -30.5a -30.2 54
Rb+ 3.04c 118
3.74e -21.3 -26.0a -15.8 54
Cs+ 2.69c 118
3.39° -19.3 -17.0a 7.7 54
"Calorimetry; bThis work, average of values shown in Table 3.6; cConductivity; dThis
work, average o f values shown in Table 3.7; ePotentiometry; fISE.
109
Chapter 3 Results and Discussion
Table 3.12. Stability constants (log Ks)for the interactions of lithium and 15-crown-5 
in various solvents at 298.15 K.
Solvent log Ks Reference
Acetonitrile 4.35a (b)
3.60° 34
3.58c 67
Propylene 4.13a (d)
carbonate 4.26° 118
4.03e 54
Methanol 1.21° 18
aCalorimetry; bThis work, average of values shown in Table 3.6; 
Conductivity; dThis work, average of values shown in Table 3.7; 
ePotentiometry.
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3.4.1.3.Comparison of the Thermodynamic Parameters of Complexation of 1- 
aza-12-crown-4 with respect to 15-crown-5 in Acetonitrile and in 
Propylene Carbonate at 298.15 K.
In order to proceed with an interpretation of the interaction o f lithium with 1-aza- 
12-crown-4 and 15-crown-5 in acetonitrile and in propylene carbonate at 298.15 K, 
Table 3.13 lists stability constants and derived standard Gibbs energies, ACG°, 
enthalpies, ACH° and entropies, ACS°, for the complexation of these crown ethers and 
lithium in both solvents.
From the results obtained for l-aza-12-crown-4 and 15-crown-5 in acetonitrile and 
in propylene carbonate at 298.15 K (Table 3.13) it seems that in both solvents, the 
stability of 15-crown-5 and lithium is slightly higher than that observed for the same 
cation and l-aza-12-crown-4. In a given solvent, the stability (in enthalpic terms) is 
greater (more exothermic) for the complexation of lithium with 15-crown-5 relative to 
the same process with l-aza-12-crown-4. Thus, 15-crown-5 provides higher ion- 
dipole interactions with lithium in comparison to l-aza-12-crown-4 (four donor atoms) 
for the same cation. This is corroborated by the lH  NMR studies discussed later. In 
addition, lithium undergoes greater desolvation upon complexation with l-aza-12- 
crown-4 than with 15-crown-5, since the hole in the former is smaller than in the latter 
crown ether. This is reflected in the more positive entropy value for l-aza-12-crown-4 
relative to 15-crown-5.
However, a detailed interpretation on the complexation process requires data 
regarding the differences in solvation o f the metal-ion, the ligand and the resulting 
complex in the appropriate solvents119,120. The results discussed above show that 
lithium-crown ether complexes are stable enough to proceed with their isolation. 
Therefore, in the following section the solution thermodynamics o f crown ethers, 
lithium and lithium coronand salts in acetonitrile and in propylene carbonate at 298.15 
K  is presented.
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Table 3.13. Stability constants and derived Gibbs energies, enthalpies and entropies 
for the complexation of lithium and crown ethers in acetonitrile and 
propylene carbonate at 298.15 K.
Macrocycle l°g K s ACG°
kj.mol"!
ACH°
kj.m ol"!
ACS° 
I K " 1 .mol"1
1A12C4 4.23
Acetonitrile
-24.17 -19.16 16.8
15C5 4.35 -24.85 -24.60 0.8
1A12C4 3.74
Propylene carbonate
-21.37 -14.83 21.9
15C5 4.13 -23.61 -21.61 6.7
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3.4.2. SOLUTION CALORIMETRY
Standard enthalpies of solution were obtained calorimetrically by using the Tronac 
450 isoperibol calorimeter. Therefore, the results obtained for the standard reaction 
suggested by Irving and Wadso105 to check the accuracy and the reproducibility o f the 
calorimeter are presented. These results refer to the enthalpy o f solution o f 
tris(hydroxymethyl)aminomethane (THAM) in an aqueous solution o f 0.1 mol-dm'3 
hydrochloric acid at 298.15 IC. The results obtained for the heats associated with the 
breaking o f empty ampoules in acetonitrile and in propylene carbonate are also 
discussed.
3.4.2.1.Standard Enthalpy of Solution of Tris(liydroxyinethyl)aininonietliane 
(THAM) in an aqueous solution of Hydrochloric Acid 0.1 mohdm'3 at
298.15 K using the Tronac 450 Calorimeter.
Table 3.14 reports the results obtained for the enthalpy of solution o f THAM in an 
aqueous solution of hydrochloric acid (0.1 mol-dm'3) at 298.15 K. The standard 
enthalpy o f solution is the average o f the four measurements listed in the table. The
n
standard deviation (s) o f the data was calculated from
i=l
where n is the number o f data for each calorimetric run. The data reported by several 
workers 35>105>121'127 are fisted in Table 3.15. The value obtained in this work compares 
well with the data given by Ghousseini126, Ritt127 and Fernandez35 using the same 
calorimeter.
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Table 3.14. Enthalpy of solution o f THAM in 0.1 mol-dm'3 aqueous solution o f 
hydrochloric acid at 298.15 K, using the Tronac 450 calorimeter.
THAM(g) c/ mol-dm'3 ASH
kJ-mol' 1
0.2760 4.557 x 10'2 -29.70
0.3335 5.506 x 10‘2 -29.84
0.3332 5.501 x 10'2 -29.76
0.3143 5.189 x 10"2 -29.62
Standard enthalpy of solution of THAM, ASH° =  -29.73 ±  0.09 kJ-mol'1.
Table 3.15. Literature data on the standard enthalpy of solution o f THAM in 0.1 
mol-dm'3 aqueous solution o f hydrochloric acid at 298.15 K.
Author
o<1 References
kJ-mol' 1
Irving and Wadso -29.72 ±  0.02 105
Gunn S. R. -29.74 ±0 .0 1 121
Sunner and Wadso -29.76 ±0 .0 1 122
Ojelund and Wadso -29.76 ±  0.02 123
Irving and Sousa -29.75 ±0 .0 1 124
Hill et al -29.74 ±0 .01 125
Kilday and Prosen -29.76 ±0 .0 1 124
Mortimer and Beezer -29.72 ±  0.02 124
L. Ghousseini -29.76 ±  0.02 126
M.C. Ritt -29.75 ±0 .01 127
F.R. Fernandez -29.75 ±  0.03 35
This work -29.73 ±  0.09
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3.4.2.2. Heat of Breaking of Empty Ampoules in Non-aqueous Solvents at
298.15 K
In order to proceed with the determination of the enthalpies o f solution o f crown 
ethers, lithium and lithium coronand salts in acetonitrile and in propylene carbonate, 
the heats o f breaking o f empty ampoules in these solvents were determined. When the 
glass ampoule is broken there is heat associated with its mechanical break and heat due 
to the vaporization of the solvent into the free space of the ampoule. The latter heat is 
dependent on the vapour pressure of the solvent128. Thus, the heat o f breaking of 
empty ampoules must be determined experimentally. The values obtained in this work 
using the Tronac 450 calorimeter are reported in Table 3.16. As expected, the values 
obtained for the heats of ampoule breaking are different in these two solvents, since the 
vapour pressure of acetonitrile (p° a n  =  11.8 kPa.) differs from that o f propylene 
carbonate (p° pc =  0.15 kPa.)129. The experimental values obtained in this work are 
similar to those reported in the literature ( Q= -0.156 J  and -0.0184 J) 126 for the heats 
o f breaking o f empty ampoules in acetonitrile and in propylene carbonate; 
respectively.
Table 3.16. Heats o f breaking of empty ampoules in acetonitrile and in propylene 
carbonate at 298.15 K using the Tronac 450 calorimeter.
Q / J
Number o f determinations Acetonitrile Propylene carbonate
1 -0.158 -0.0190
2 -0.159 -0.0183
3 -0.162 -0.0185
4 -0.160 -0.0188
Average values Q = -0.160 ± 0.002 Q =-0.0187 ± 0.0003
115
Chapter 3 Results and Discussion
3.4.2.3.Solution Thermodynamics of Crown Ethers, Lithium and Lithium 
Coronand Salts in Non-Aqueous Media at 298.15 K.
Danil de Namor and co-workers119,120 stated that for a detailed thermodynamic 
characterisation of the complexation process involving macro cyclic ligands and metal 
cations in solution, knowledge is required on the solvation properties of the 
macrocyclic ligand, the free and complexed electrolytes in the appropriate solvent. As 
far as solution Gibbs energies are concerned these have been hardly considered. This is 
not surprising given that both, the crown ethers and their lithium coronand salts are 
often highly solvated in these media. Therefore, the composition o f these compounds 
will not be the same in the solid state that in solution (due to the formation of solvate). 
Thus, using the De Ligny method130 solvate formation in acetonitrile and propylene 
carbonate was found for l-aza-12-crown-4. Therefore, Gibbs energies cannot be 
derived from solubility measurements. Since such a limitation is not applicable to the 
determination of solution enthalpies; the thermochemical characterisation o f the crown 
ethers, the lithium salts, and the new lithium coronand salts in acetonitrile and in 
propylene carbonate at the standard temperature was carried out.
The results are presented as follows,
i) Standard enthalpies of solution of crown ethers (CE) (eqn. 3.32) in acetonitrile 
and in propylene carbonate at 298.15 K.
ii) Standard enthalpies of solution of lithium salts (LiX) (eqn. 3.33) in acetonitrile 
and in propylene carbonate at 298.15 K.
iii) Isolation o f lithium coronand salts.
iv) Standard enthalpies of solution of lithium coronand salts (LiCEX) (eqn. 3.34) in 
acetonitrile and in propylene carbonate at 298.15 K and calculation o f single-ion 
values based on the PluAsPIqB convention.
v) Enthalpies of coordination, derived from solution data. (eqn. 3.35)
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CE(liq., or sol.) —> CE(s) 3.32
LiX(soL) Li+(s) +  X  (s) 3.33
LiCEX(soL) - >  LiCE+(s) +  X ~  (s) 3.34
+  CE(soj oriiq) —> LiCEX(soj)  3.35
In these equations, CE, LiX, and LiCEX denote the crown ether, the lithium and the 
lithium coronand salts; respectively, in the solid (sol.) or liquid (liq.) states or in 
solution (s).
3.4.2.4.Standard Enthalpies of Solution of Crown Ethers in Non-Aqueous 
Solvents at 298.15 K.
Enthalpies of solution of various crown ethers (15-crown-5, 15C5; l-aza-12-
crown-4, 1A12C4; 4'-aminobenzo-15-crown-5, 4'NH2B15C5; 4'-nitrobenzo-15- 
crown-5, 4 'N 02B15C5; and l,4,10,13-tetraoxa-7,16-diazacyclooctadecane, 1,10- 
Diaza-18-crown-6 in acetonitrile, propylene carbonate and tetrahydrofiiran at 298.15 K 
are reported in Tables 3.18-3.27. The concentrations (molar scale) used for these 
measurements are also included in these tables. At least four determinations were 
carried out for each compound in the appropriate solvent. As the crown ethers are 
neutral macrocyclic ligands, and therefore, these are non-electrolytes, no changes were 
observed in the enthalpy data at different crown concentrations. Thus, the standard 
enthalpy o f solution, ASH°, is the average of ASH values at different concentrations.
Corrections for the heat o f breaking o f empty ampoules in acetonitrile (Table 3.16), 
propylene carbonate (Table 3.16), and the value reported in the literature126 ( Q =  
0.339 J) for tetrahydrofiiran at 298.15 K were applied to the data reported in these 
tables.
Standard enthalpies o f solution of the different crown ethers (15-crown-5, 1-aza- 
12-crown-4; 4'-aminobenzo-15-crown-5; 4'-nitrobenzo-15-crown-5; and 1,10-diaza-
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18-crown-6) in different solvents (acetonitrile, propylene carbonate and 
tetrahydrofuran), are summarised in Table 3.27 together with literature data35,67,134.
Inspection o f Table 3.27 shows that unlike 15-crown-5, 12-crown-4 and 1-benzyl- 
l-aza-12-crown-4 (liquids, slightly exothermic only the latter crown ether is slighltly 
endothermic in acetonitrile); enthalpies of solution of l-aza-12-crown-4 (solid); 4'- 
aminobenzo-15-crown-5 (solid); 4'-nitrobenzo-15-crown-5 (solid); 18-crown-6 
(solid) l,10-diaza-18-crown-6 (solid); and dibenzo-18-crown-6 (solid); reflect the 
endothermic character (positive AH values) o f the dissolution process in acetonitrile, 
propylene carbonate and tetrahydrofuran (except for 18-crown-6 in acetonitrile, which 
has an exothermic value). Thus, the differences observed mainly reflect the energy 
input (endothermic process) associated with melting for the ligands in the solid state 
relative to 15-crown-5, 12-crown-4 and 1 -benzyl- l-aza-12-crown-4.
The ciystal lattice contribution to the solution enthalpy can be removed by 
considering the standard enthalpy of transfer, AtH°, of these macrocycles from a 
reference solvent to another solvent. Therefore, taking propylene carbonate (PC) as 
the reference solvent, enthalpies of transfer of the crown ethers to acetonitrile (AN) 
and to tetrahydrofuran (THF) are calculated (eqns. 3.36 and 3.37)(Table 3.28), in 
order to gain information regarding the differences in the solvation enthalpies o f these 
ligands in these solvents.
AtH°(PC - » AN) =  ASH°(AN) - ASH°(PC) 3.36
AtH °(PC->  THF) =  ASH°(THF) - ASH°(PC) 3.37
It is interesting to note that as the number o f nitrogen atoms increases from 1 -aza- 
12-crown-4 to l,10-diaza-18-crown-6, the transfer process from propylene carbonate 
to acetonitrile becomes enthalpically favoured. This is likely to be attributed to an 
interaction between the nitrogen (present in the ligands) and acetonitrile . In general 
terms, the crown ethers are slightly more stable (in enthalpic terms) in acetonitrile than 
in propylene carbonate (with the exception of 1-benzyl-l-aza-12-crown-4 which is
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slightly more solvated in propylene carbonate than in acetonitrile). As far as 18- 
crown-6 is concerned, Ozutsumi and co-workers134 suggest that this ligand is strongly 
solvated in acetonitrile. X-ray crystallographic studies131,132 demonstrated that two 
acetonitrile molecules interact through their methyl group with 18-crown-6. The same 
is believed to occur in solution133 and if so, the dissolution process is exothermic and 
consequently, the transfer o f 18-crown-6 from propylene carbonate to acetonitrile is 
enthalpically favoured as shown in Table 3.28. As far as the A tH°(PC->THF) is 
concerned the crown ethers are slightly better solvated in propylene carbonate than in 
tetrahydrofuran.
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Table 3.17. Enthalpies o f solution o f 15-crown-5 in acetonitrile at 298.15 K.
ASH
kJ*mol“ 3
3 .0 1 x l0 “3 -4.51
3.35 x 10"3 -4.59
3.37 x 10-3 -4.56
4.30 x 10-3 -4.19
6.24 x 10-3 -4.56
Standard value, ASH° =  -4.48 ±  0.17 kJ*moH
Table 3.18. Enthalpies o f solution of 15-crown-5 in propylene carbonate at 298.15 K.
ca
mol.dm-3
ASH° 
kJ.mol" 1
1.71 x 10-3 -3.36
5.19 x 10"3 -3.04
7.67 x 10-3 -3.08
9.51 x lO"3 -3.09
1.51x IQ"2 -3.07
Standard value ASH° =  -3.13 +  0.13 kJ-moH
“Final concentration in the calorimetric vessel.
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Table 3.19. Enthalpies o f solution o f 15-crown-5 in tetrahydrofuran at 298.15 K
ca
mol-dm' 3
ASH
kJ-mol'l
7.60 x 10' 3 0.74
1.16 x lO"2 0.81
1.65 x 10-2 0.58
3.24 x 10' 2 0.69
3.95 x 10“2 0.50
Standard value, ASH° =  0.66 ±  0.12 kJ-mol" 1
Table 3,20. Enthalpies of solution of l-aza-12-crown-4 in acetonitrile at 298.15 K
ca
mol-dm' 3
ASH 
kJ-mol' 1
9.61 x 10-4 21.14
1.03 x 10' 3 19.24
1.24 x 10' 3 20.63
1.48 x 10' 3 20.84
2.04 x 10' 3 20.65
Standard value, ASH° =  20.50 ±  0.73 kFm oH
“Final concentration in the calorimetric vessel.
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. Enthalpies o f solution of 1- 
298.15 K
■aza-12-crown-4 in propylene carbonate at
ca AsH
mol.dm'3 kJmol-3
8.63 x IO' 4 20.45
1.25 x IO' 3 21.09
2.67 x IO"3 19.38
2.95 x IO”3 21.35
Standard value, ASH° == 20.57 ± 0 .8 8  kJ-mol- 1
. Enthalpies of solution of 4'-aminobenzo-15-crown-5 in acetonitrile at 
298.15 K
ca ASH
[mol* dm-3] kJ-mol"1
1.27 x IO"3 30.54
2.63 x IO' 3 30.29
3.71 x IO"3 30.85
4.47 x 10-3 30.45
6.67 x IO' 3 30.46
Standard value, ASH° =  30.52 ±  0.21 kJ-mol-1 
“Final concentration in the calorimetric vessel.
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Table 3.23 Enthalpies of solution of 4'-nitrobeiizo-15-crown-5 in acetonitrile at 298.15 K.
ca
[mohdm"3]
ASH
kJ-mol"^
1.22 x 10"3 22.06
2.46 x 10"3 21.55
3.42 x 10"3 22.09
5.04 x 10"3 22.04
6.50 x 10"3 22.85
Standard value, ASH° =  22.12 ±  0.47 kJ*mol"l
Table 3.24. Enthalpies o f solution o f l,4,10,13-tetraoxa-7,16-diazacyclooctadecane 
(l,10-diaza-18-crown-6) in acetonitrile at 298.15 K.
ca
mohdm"3
ASH
kJ*mol"l
2.41 x 10"3 21.79
3.08 x 10"3 25.02
4.48 x 10"3 23.09
6.67 x lO "3 24.88
8.71 x 10"3 23.24
1.43 x IQ"2 23.15
Standard value, ASH° =  23.53 ± 1 .2  kJ-mol"!
"Final concentration in the calorimetric vessel
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Table 3.25. Enthalpies of solution of 1,4,10,13-tetraoxa-7,16-diazacyclooctadecane 
(l,10-diaza-18-crown-6) in propylene carbonate at 298.15 K.
ca
mol-dm-3
ASH
kJ-mol"^
1.51 x 10"3 27.26
3.95 x 10-3 29.42
6.38 x 10-3 29.52
7.34 x 10-3 29.54
8.66 x 10-3 32.39
9.92 x 10-3 29.17
Standard value, ASH° =  29.55 ±  1.64 kJ-mol- 1
i. Enthalpies of solution of l,4,10,13-tetraoxa-7,16-diazacyclooctadecai
(l,10-diaza-18-crown-6) in tetrahydrofuran at 298.15 K.
ca ASH
mol-dm-3 kJ-mol"^
1.67 x 10“3 30.50
1.84 x 10"3 33.95
3.16 x 10-3 32.35
4.73 x 10-3 31.14
6.47 x 10-3 31.77
1.04 x 10-2 33.22
Standard value, AQH° =  32.16 ±  1.29 kJ-mol"4to ^ s1
aFinal concentration in the calorimetric vessel.
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Table 3.27. Enthalpies of solution of different crown ethers in non-aqueous solvents 
at 298.15 K.
ASH° / kJ.mol' 1
Solvents
crown ethers Acetonitrile
(AN)
Propylene 
carbonate (PC)
Tetrahydrofiiran
(THF)
12-crown-4 -3.64a -3 .06a
l-aza-12-crown-4 20.50 ±  0.73 b 20.57 ±  0 .88 0
1 -benzyl-1 -aza-12-crown-4 1.73 a -3 .32a
15-crown-5 -4.48 ±  0.17d -3.13 + 0 .1 3 e 0.66 ±  0. 12f
4'-aminobenzo-l 5-crown-5 30.52 ±  0.21s
4'-nitrobenzo-15-crown-5 22.12 ± 0 .4 7 h
18-crown-6 -5.2* 24.31
1,10-diaza-18-crown-6 23.53 ±  1.2J 29.55 ±  1.64k 3 2 .1 6 +  1 .291
dibenzo-18-crown~6 9.99 m 9.93 111
aRef. 67. bTable 3.20. cTable 3.21- d. Table 3.17 c Table 3.18- f Table 3.19. s Table
y y y y 5 y
3.22- ''Table 3.23- 'Ref. 134; jTable3.24- kTable3.25- ‘Table 3.26- mRef.35.
y y y y y
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Table 3.28. Enthalpies of transfer of various crown ethers from propylene carbonate 
(reference solvent) to other solvents (kJ.m of1).
Crown ether AtH°(PC ->  AN) AtH°(PC THF)
12-crown-4 -0.58" _
l-aza-12-crown-4 -0.07b -
1 -benzyl-1 -aza-12-crown-4 5.05a -
15-crown-5 - n r 4.03d
18-crown-6 -29.5e
1,10-diaza-18-crown-6 -6 .02f 2.61s
dibenzo-18-cro wn-6
h-r- r— ~ „
0.06h
,  ^ di-<___ nn _ 1
3.18 and 3.19; ‘’Ref. 134; fFrom Tables 3.24 and 3.25; gFrom Tables 3.25 and 3.26; 
hRef.35.
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3.4.2.5.Standard Enthalpies of Solution of Common Lithium Salts in 
Acetonitrile and Propylene Carbonate at 298.15 K
In spite o f the current use o f lithium salts containing highly polarizable anions, such 
as lithium hexafluroroarsenate (LiAsF^), lithium tetrafluoroborate (LiBFq), and lithium
trifluoromethanesulfonate (LiCF3S0 3 ) in lithium battery technology, the
thermodynamic characterisation of these electrolytes in non-aqueous media has hardly 
been considered. Therefore, the determination of the enthalpies o f solution o f these 
lithium salts was carried out in acetonitrile and propylene carbonate at 298.15 K, using 
the Tronac 450 calorimeter as a solution calorimeter. Thus, Tables 3.30-3.34 show the 
standard enthalpies o f solution o f LiAsFg, in propylene carbonate and LiBFq and
LiCF3SC>3 , in acetonitrile and in propylene carbonate at 298.15 K. Also included in
these tables are the concentration used for these measurements. In all cases, 
corrections for the heat o f breaking of empty ampoules in the corresponding solvent 
were applied (Table 3.16). The solution enthalpy values, ASH, for these lithium salts in 
both solvents did not show variation at different electrolyte concentrations. Therefore, 
the standard enthalpy o f solution, ASH°, of these salts in these solvents was taken as the 
average of the values given at different concentrations. In order to facilitate the 
discussion, Table 3.34 summarises the standard enthalpies o f solution for lithium salts 
in acetonitrile and propylene carbonate at 298.15 IC. Also included in this table are the 
ASH° o f common lithium salts found in the literature67,129,135,136,142.
The standard enthalpies o f solution listed in Table 3.34 show that the dissolution of 
these lithium salts takes place with a release of energy (exothermic process), which 
indicates that for these electrolytes the solvation predominates over the crystal lattice 
process.
The standard enthalpies of transfer, A^H°, were calculated in order to interpret the 
differences in the enthalpies o f solvation in propylene carbonate and in acetonitrile. 
Thus, Table 3.35 lists the AtH°, of the lithium salts from propylene carbonate
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(reference solvent) to acetonitrile. These data show that, except for lithium 
tetrafluoroborate, lithium salts are enthalpically more stable in acetonitrile than in 
propylene carbonate. As far as lithium iodide and bromide are concerned these salts 
are enthalpically more stable in acetonitrile relative to propylene carbonate. Taking 
into account that the same cation is involved (Li+) (Table 3.35), the differences in the 
enthalpy o f transfer values of these salts are mainly due to variations in anion solvation.
3.4.2.6.Isolation of Lithium Coronand Salts Containing Different Anions
The synthesis o f these lithium coronand salts (lithium 15-crown-5- 
hexafluoroarsenate, lithium 15-crown-5-tetrafluoroborate, lithium 15-crown-5- 
trifluoromethanesulfonate, lithium l-aza-12-crown-4-hexafluoroarsenate, lithium 1- 
aza-12-crown-4-tetrafluoroborate, and lithium l-aza-12-crown-4-
trifluoromethanesulfonate) was described in the experimental section. Table 3.36 lists 
microanalysis data for lithium coronand salts. These were carried out at the University 
o f Surrey.
A reasonable agreement was found between calculated and found values. In the 
following section, the standard enthalpies of solution of these lithium coronands, ASH°, 
determined calorimetrically are presented.
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Table 3.29. Enthalpies o f solution o f lithium tetrafluoroborate (U B F 4) in acetonitrile
at 298.15 K.
ca
mob dm”3
ASH
kJ*mol“3
6.79 x 10'3 -14.65
8.53 x 10'3 -14.92
1.15 x l 0 ‘2 -15.39
1.54 x 10'2 -13.85
2.43 x 10'2 -14.02
Standard value, ASH° =  -14.57 ±  0.64 kJ-moH
Table 3.30. Enthalpies o f solution o f lithium trifluoromethanesulfonate (LiCF3S 0 3 ) 
in acetonitrile at 298.15 K.
c“ ASH
<c*m  ^ kJ-mol"1
2.96 x O-3 -15.01
3.58 x O-3 -16.47
3.69 x O-3 -14.70
4.65 x 0-3 -15.58
8.14 x 1
O -16.74
9.31 x o-3 -16.15
1.11  x 0-2 -15.56
1.38 x 0-2 -14.53
Standard va ue, ASH° = -15.59 ± 0 .8 2  kj-mol"1
“Final concentration in the calorimetric vessel
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Table 3,31. Enthalpies o f solution of lithium hexafluoroarsenate (LiAsF5) in 
propylene carbonate at 298.15 K.
ca ASH
mol. dm"3 kJ.mol-3
2.31 x IO-3 -15.08
4.28 x 10-3 -15.44
5.46 x 10-3 -15.15
6.60 x IO-3 -14.90
Standard value, ASH° =  -15.14 ±  0.22 kJ.mol-3
Table 3.32. Enthalpies of solution of lithium tetrafluoroborate (LiBFq) in propylene 
carbonate at 298.15 K.
ca
mol. dm-3
ASH
kJ.mol-3
4.55 x 10"3 -14.89
7.60 x IO-3 -16.34
1.19 x IO"2 -17.09
2.03 x IO-2 -15.20
2.73 xlO -2 -16.16
Standard value, ASH° =  -15.94 +  0.89 kJ.mol-3
“Final concentration in the calorimetric vessel
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Table 3.33. Enthalpies of solution of lithium trifluoromethanesulfonate (LiCF3S 0 3 ) 
in propylene carbonate at 298.15 K.
c“
mol. dm-3
ASH
kJ.mol-3
2.08 x lO"3 -11.78
2.45 x 10"3 -13.63
2.73 x 10"3 -12.87
3.33 x 10"3 -11.51
5.48 x 10"3 -12.52
Standard value, ASH° =  -12.46 ± 0 .8 5  kJ.mol"3 
“Final concentration in the calorimetric vessel
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Table 3.34. Standard enthalpies for solution of various common lithium salts in 
propylene carbonate and in acetonitrile at 298.15 K
 ____________ ASH° (kJ-mol'1)_________________
/ \
Electrolyte (AN) (PC)
LiAsF6 -18.45° -15.14 ±  0 .2 2 b
LiBF4 -14.57 ± 0 .6 4 c -15.94 ± 0 .8 9 d
-12.73° -14.74°
LiCF3S 0 3 -15.59 ±  0 .82e -12.46 ±  0 .8 5 f
LiC104 -40.61°’ .39798
LiBr -39.92h -28.87 5
Lil -70.671' -62.97s
“Ref. 67; ‘Table 3.31; “Table 3.29; ‘'Table 3.32; “Table 3.30; fTable3.33; sRef. 135; 
Ref. 136; 'Value calculated from AtH° LiBr <h2o->pc) (using Parker’s convention) and 
ASH° LiBr (h2o) from Ref. 141,
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Table 3.35. Standard enthalpies for the transfer o f lithium salts from propylene 
carbonate (reference solvent) to acetonitrile in kj-mol'1 at 298.15 K.
Electrolyte AtH° (PC ->  AN)
LiAsF6 -3.31
LiBF4 1.37
LiCF3S 0 3 -3.13
LiC104 -0.82
LiBr -9.09
Lil -7.70
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Table 3.36. Microanalysis data for lithium coronand salts.
%C %H %N %C %H %N
Salts /- ---------Calculated- .\ /---------------Found--------\
[Li+ 15C5]CF3 S 0 3_ 35.11 5.36 34.72 5.40
[Li+15C5]BF4“ 38.25 6.42 37.97 6.55
[Li+ 15C5]AsF6- 28.86 4.84 28.90 5.00
[LrfTA12C4]CF3 S 0 3“ 32.64 5.17 4.23 32.65 5.29 4.10
[Li+ 1 A l 2C4]BF4_ 35.72 6.37 5.21 35.32 6.48 4.99
[Li+ lA12C4]AsF6~ 25.89 4.62 3.77 25.97 4.74 3.61
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3.4.2.7.Standard Enthalpies of Solution of Lithium Coronand Electrolytes in 
Acetonitrile and in Propylene Carbonate at 298.15 K
Calorimetric determinations o f the enthalpies of solution o f lithium coronand 
electrolytes (lithium 15-crown-5-hexafluoroarsenate, lithium 15-crown-5- 
tetrafluoroborate, lithium 15-crown-5-trifluoromethanesulfonate, lithium l-aza-12- 
crown-4-hexafluoroarsenate, lithium l-aza-12-crown-4-tetrafluoroborate, and lithium 
l-aza-12-crown-4-trifluoromethanesulfonate) in acetonitrile and in propylene 
carbonate at 298.15 K were carried out. A fast kinetics of dissolution was observed 
for these electrolytes in these solvents. Corrections for the heats o f ampoule breaking 
(Table 3.16) in the appropriate solvent were applied in all cases. These data are shown 
in Tables 3.37-3.48; respectively. As no variations were observed in the enthalpies o f 
solution with changes in electrolyte concentrations, an average is given as the standard 
enthalpy o f solution, ASH°. In order to facilitate the discussion, enthalpies of solution 
obtained in this work and those reported in the literature for the lithium coronand salts, 
as well as corresponding data for the uncomplexed lithium salts are recorded in Table 
3.49. From the standard enthalpies of solution of lithium and lithium coronand 
electrolytes in these solvents, the transfer enthalpies for these compounds, AtH° were 
calculated from propylene carbonate (reference solvent) to acetonitrile. These data are 
also reported in Table 3.49.
The most striking feature observed in this table is that the dissolution of the 
uncomplexed lithium salt takes place with a release of energy (exothermic process) 
while the opposite occurs for the lithium coronand salts (endothermic process). The 
standard enthalpy of solution of a solute in a solvent is the result of the contribution o f
i) the solvation process, AsoivH°, (exothermic process), and
ii) the crystal lattice, AciH°, (endothermic process).
according to eqn. 3.38
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ASH° =  AciH° +  AsoivH° 3.38
Therefore, in going from lithium to lithium coronand salts, the size of the cation 
increases and consequently, the charge density will decrease. As a result, it is expected 
that the heat associated with the ciystal lattice process would be less endothermic, for 
the complexed relative to the uncomplexed lithium electrolyte. The results obtained 
indicate that as far as common lithium salts (LiAsF^, LiBF4 and LiCF3SC>3) are
concerned the heat associated with the solvation process predominates over the crystal 
lattice (negative ASH° values, exothermic) process. The opposite is true for the lithium 
coronand electrolytes (positive ASH° values, endothermic process). As far as the 
enthalpies of solution o f lithium coronand salts are concerned (except for those 
containing 15C5), the endothermic character of the dissolution process follows the 
sequence CF3SO3 >  AsFg >  B F4 . It is concluded that the lithium coronand 
electrolytes are less solvated in these solvents than common lithium salts; and this 
must have significant implications on the conductivity of these electrolytes in these 
solvents, an important aspect to consider in the development o f lithium batteries.
As far as the enthalpies of transfer are concerned, AtH°, the results show that 
(except for LiBF4) the uncomplexed and complexed electrolytes are more stable (in 
enthalpic terms) in acetonitrile than in propylene carbonate (negative AtH° values). 
These values provide evidence that these electrolytes are better solvated in acetonitrile 
than in propylene carbonate, consequently the latter solvent is likely to offer a better 
conducting medium than acetonitrile. In order to assess the differences in solvation o f 
cations and anions in these solvents, single-ion values are calculated, and these are 
presented in the following section.
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Table 3.37. Enthalpies o f solution of lithium 15-crown-5-hexafluoroarsenate 
[Lil5C5]AsF5 in acetonitrile at 298.15 K.
ca
mol.dm"3
ASH
kJ.m oH
1.48 x lO-3 10.60
1.68 x 10-3 11.37
2.21 x 10"3 10.67
2.64 x 10"3 10.77
3.18 x lO-3 10.03
3.83 x 10-3 10.60
5.93 x 10"3 10.29
Standard value, ASH° =  10.62 ±  0.42 kJ.mol- ^
Table 3.38. Enthalpies of solution o f lithium 15-crown-5-tetrafluoroborate 
[Lil5C 5]BF4 in acetonitrile at 298.15 K.
ca
mol.dm"3
ASH
kJ.mol"^
1.87 x 10'3 3.23
2.31 x 10'3 4.10
2.58 x 10'3 4.66
2.74 x 10'3 4.09
5.07 x lO ’3 3.54
5.34 x 10'3 4.89
6.83 x 10'3 4.73
Standard value, ASH° =  4.18 ±  0.63 kJ.mol"^ 
“Final concentration in the calorimetric vessel.
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Table 3.39, Enthalpies of solution o f lithium 15-crown-5-trifluoromethanesulfonate 
[L il5C5]CF3S03  in acetonitrile at 298.15 K.
c“
mol. dm"3
ASH
kJ.mol"3
1.60 x 10"3 8.98
1.85 x 10“3 9.27
2.00 x 10"3 8.25
3.09 x 10"3 9.15
3.54 x 10"3 9.70
4.63 x 10"3 8.58
6.58 x 10"3 9.23
Standard value, ASH° =  9.03 ±  0.48 kJ.mol"3
Table 3.40. Enthalpies o f solution o f lithium l-aza-12-crown-4-hexafluoroarsenate 
[LilA12C4]AsF6 in acetonitrile at 298.15 K
c“
mol. dm"3
ASH
kJ.mol"3
1.43 x lO"3 4.14
2.13 x lO "3 5.30
2.53 x 10"3 5.23
3.28 x 10"3 4.19
3.89 x lO "3 4.83
5.35 x lO "3 4.84
ASH° =  4.76 ± 0 .5 0  kJ.mol"3
“Final concentration in the calorimetric vessel.
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Table 3.41. Enthalpies of solution of lithium l-aza-12-crown-4-tetrafluoroborate 
[LilA 12C4]BF4 in acetonitrile at 298.15 K
ca ASH
mol.dm"3 kJ.mol-1
1.78 x 10"3 0.99
2.83 x 10"3 0.74
3.13 x 10"3 0.94
3.84 x IO"3 0.63
4.93 x IO"3 0.98
Standard value, ASH° =  0.86 ±  0.16 kJ.mol"3
Table 3.42. Enthalpies of solution o f lithium 1 -aza-12-crown-4-trifluoromethanesulfonate 
[LilA12C4]CF3S03 in acetonitrile at 298.15 K
ca
mol.dm-3
ASH
kJ.mol-3
1.07 x IO'3 14.28
1.39 x IO-3 14.98
1.87 x IO”3 14.33
3.30 x IO"3 15.10
4.39 x IO'3 14.26
6.53 x IO"3 14.91
Standard value, ASH° =  14.64 ± 0 .3 9  kJ.mol"3
aFinal concentration in the calorimetric vessel.
139
Chapter 3 Results and Discussion
Table 3.43. Enthalpies of solution of lithium 15-crown-5-hexafluoroarsenate 
[Lil5C5]AsFg in propylene carbonate at 298.15 K
ca ASH
mol.dm-3 kJ.mol"!
1.44 x 10-3 13.37
1.77 x 10-3 14.41
2.09 x 10-3 13.09
4.07 x 10-3 13.88
5.18 x 10-3 13.43
Standard value, ASH° =  13.64 ±  0.52 k.J.mol-1
Standard enthalpies of solution o f lithium 15-crown-5-tetrafluorobo:
[Lil5C 5]BF4 in propylene carbonate at 298.15 K
c“ ASH
mol.dm-3 kJ.mol- ^
1.23 x 10-3 7.33
2.87 x 10-3 6.94
3.84 x 10-3 7.42
3.91 x 10-3 7.10
5.63 x 10"3 7.68
Standard value, ASH° =  7.29 +  0.29 k.J.m oH 
“Final concentration in the calorimetric vessel.
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Table 3.45. Enthalpies of solution of lithium 15-crown-5-trifluoromethanesulfonate 
[L il5C5]CF3S03  in propylene carbonate at 298.15 K
c“ ASH
mol. dm"3 kJ.mol"3
8.35x 10"4 14.06
1.75 x lO "3 12.88
1.80 x 10"3 12.89
2.08 x 10"3 14.03
2.49 x 10"3 12.83
Standard value, ASH° =  13.34 ±  0.65 k.J.mol-3
Enthalpies of solution o f lithium l-aza-12-crown-4-hexafluoroarsi
[LilA12C4]AsF(5 in propylene carbonate at 298.15 K
c“ ASH
mol. dm"3 kJmol-3
1.34 x 10"3 4.91
1.71 x 10"3 4.92
2.04 x 10"3 4.75
2.34 x 10"3 4.46
4.18 x 10"3 4.94
4.60 x 10"3 4.95
5.37 x 10"3 4.94
Standard value, ASH° =  4.84 +  0.18 kJmol"3 
“Final concentration in the calorimetric vessel.
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Table 3.47. Enthalpies o f solution of lithium l-aza-12-crown-4-tetrafluoroborate 
[LilA 12C4]BF4 in propylene carbonate at 298.15 K
ca
mol.dm"3
ASH
lcJmol"3
1.62 x 10“3 3.63
2.63 x IO"3 3.73
3.43 x l0 -3 3.78
4.86 x IO"3 3.61
5.87 x IO"3 3.91
Standard value, ASH° =  3 .7 3 + 0 .1 1  kJmol"3
Table 3.48. Enthalpies of solution of lithium l-aza-12-crown-4-trifluoromethanesulfonate 
[LilA12C4]CF3S03 in propylene carbonate at 298.15 K.
ca
mol.dm"3
ASH
kJmol-3
1.14 x IO"3 18.29
1.58 x IO'3 19.10
2.14 x IO"3 18.48
2.96 x IO"3 19.87
3.60 x 10-3 18.32
5.39 x IO"3 18.38
Standard value, ASH° =  18.74 ±  0.63 kJmol"3
aFinal concentration in the calorimetric vessel
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Table 3.49, Standard enthalpies o f solution of lithium and lithium coronand 
electrolytes in acetonitrile and in propylene carbonate at 298.15 K. 
Derived enthalpies o f transfer from propylene carbonate (reference 
solvent). Data expressed in kJ.m of1
Compound ASH°
AN
ASH°
PC
AtH° 
P C ->  AN
LiAsFe -18.453 -15.14 ± 0 .2 2 -3.31 - J .
LiBF4 -14.57 +  0.64 -15.94 ± 0 .8 9 1.37
U CF3SO3 -15.59 ± 0 .8 2 -12.46 +  0.85 -3.13
[Lil5C5]AsF6 10.62 ±  0.42 13.64 ± 0 .5 2 -3.02
[[Lil5C 5]BF4 4.18 +  0.63 7.29 ± 0 .2 9 -3.11
[Lil5C5]CF3S 0 3 9 .0 3 + 0 .4 8 13.34 ± 0 .6 5 -4.31
[LilA12C4]AsF6 4.76 ± 0 .5 0 4.84 ± 0 .1 8 -0.08
[LilA 12C4]BF4 0.86 ±  0.16 3.73 ± 0 .1 1 -2.87
[LilA12C4]CF3S 0 3 14.64 ± 0 .3 9 18.74 ± 0 .6 3 -4.10
[Lil2C4]AsF6a 7.17 14.91 -7.74
[Lil2C 4]BF4a 6.04 9.64 -3.60
[Lil2C4]CF3S 0 3a 15.69 20.74 -5.05
[LiB12C4]AsF6a 8.75 12.20 -3.45
[LiB12C4]BF4a 9.42 13.65 -4.23
[LiB 12C4]CF3S 0 3" 18.96 22.50 -3.54
a Ref. 67.
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3.4.2.8. Single-ion AtH° Values
Single-ion AtH° values among different solvents are useful parameters in the study
o f ion-solvent interactions. It is not possible to determine experimentally the single-ion
AtH° values, since electrolytes are constituted by cation-anion combinations.
Therefore, extrathermo dynamic conventions must be used. Several
i o n  i
extrathermodynamic assumptions have been suggested ’ ’ . These are,
i) The reference ion convention, which states that a large reference ion will be poorly 
solvated and consequently, its solvation energy would be practically the same in all 
solvents. Rubidium might fill this requirement, but this ion is not sufficiently large 
(r =  1.48 A)137 to have negligible changes in solvation energy upon transfer. The 
use o f a complexing ligand such as ciyptand 222 has been discussed. When a cation 
is enclosed in the cavity of ciyptand 222, its solvation shell is replaced by the ligand 
donor atoms resulting in the formation of a large cation. Consequently, the transfer 
energy of the univalent metal-ion ciyptate between dipolar aprotic solvents was 
found to be equal to the transfer o f the ligand itself, and close to 0 kJ.mol'1 139 (eqn. 
3.39).
AtH° [222] sx ->  s2 =  AtH° [M+ 222] sl ->  s2 3.39
ii) The reference ion-molecule convention, considers an ion that can be oxidized or 
reduced, protonated or deprotonated to a neutral analogue. The ion must be large, 
symmetrical in structure with the active atom situated in the center. Thus, the 
interactions between the ion and the neutral specie are assumed to be the same in 
any solvent; i.e. ferricinium[Fe(C5H5)2+-ferrocene[Fe(C5H5)2; tetraphenylarsonium- 
tetraphenylmethane, (Ph4As+-Ph4C).
iii) The Ferroin convention' involving iron(II) phenanthroline-iron(III) phenanthroline 
(ferroin) was first assumed to be solvent independent but the high charge density 
and the structure o f these compounds is believed to produce specific interactions 
with the solvent, and therefore, this convention is not longer used.
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iv) The Reference-electrolyte convention, based on electrolytes constituted by large 
cations and anions, equal in size, with low density charge in order to minimise 
specific interactions between the ions and the solvent. Among these reference 
electrolytes are a) ‘Tetraphenylphosphonium tetraphenylborate’ (PfoPPfoB); b) 
‘ T riisoamyl-w-butylammonium tetraphenylborate’ (TABPh4) and the c) 
‘Tetraphenylarsonium tetraphenylborate’ (Ph4AsPh4B). The PfoAsPfoB has been 
widely accepted and it has been the reference electrolyte o f choice o f Parker 
et.al.140X41. Thus, using this reference electrolyte, the convention states that
AtP° Ph4As+ (si -> s2) =  AtP° Ph4B (S[ -» s2) 3.40
AtP° (P°= G°, H° or S°)
Using eqn. 3.40 , single-ion AtH° values from propylene carbonate to acetonitrile 
were calculated. These data (Table 3.49) and those found in the literature are listed in 
Table 3.50.
Single-ion AtH° values from propylene carbonate to acetonitrile for lithium 
coronand cations or for Li+ can also be obtained via the thermodynamic cycle reported 
by Danil de Namor and co-workers139.
Li+(PC) + CE (PC.) AcH (pC) > Li+CE
[Li+CE]
AtH°[Lirf AtH°[CE]
▼  *1r
▼
(PC)
AtH°
3.41
Li+(AN) + CE (AN)
AcH°(AN) Li CE (AN)
Unlike the thermodynamic cycle expressed in eqn. 3.29, which refers to the 
coordination process where product and reactants are in the pure physical state, eqn. 
3.40 refers to the process in solution. Thus, ACH° denotes the enthalpy of 
complexation for a given crown ether (CE) and lithium in the appropriate solvent (PC 
or AN) and AtKPpLi*], [CE], and [Li+CE], denote the enthalpies o f transfer o f lithium,
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crown ether and lithium coronate; respectively, from propylene carbonate (reference 
solvent) to acetonitrile. Thus, the AtH° o f the lithium coronate cation can be calculated 
using the following equation,
AtH°[Li+CE] (PC-+AN) =  AtH°[Li+] (PC-+AN) + AtH°[CE] (PC->AN) + AcH°[Li+CE] (AN)
- AcH°[Li+CE] (PC) 3.42
Single-ion AtH°[Li+CE] (PC-»AN) values calculated from complexation data for 
lithium and the appropriate crown ether in a given solvent (Table 3.13), the AtH°[CE] 
(PC-»AN) (Table 3.28) and the AtH°[Li+] (PC-+AN) =  -2.42 kJ.mol'1 based in the 
PlitAsPh 4B reported in the literature126 are listed in Table 3.50. Considering the 
number o f steps involved in the derivation o f transfer data, a good agreement between 
the values obtained from the thermodynamic cycle (eqn. 3.42) and those reported from 
solution measurements (Table 3.50) is found.
The single-ion AtH° values shown in Table 3.50 indicate that for the uncomplexed 
cations, as the size of the cation increases the stability in enthalpic terms increases in 
propylene carbonate. However, the lithium coronand cations are enthalpically more 
stable in acetonitrile than in propylene carbonate.
The single-ion AtH° values for C104 , AsFe~, B F /  and CF3SO3 are close to zero 
due to the high polarisability o f these anions, which indicates that these anions have no 
enthalpic preference for neither acetonitrile nor propylene carbonate. The monoatomic 
anions ( C F , Br~ and I- ) are enthalpically more stable in acetonitrile than in propylene 
carbonate.
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Table 3.50. Single-ion AtH° values from propylene carbonate to acetonitrile at 298.15 
K. Data based on the Ph4AsPh4B convention.
Ion AtH° (PC ->  AN) 
kJ.mol'1
Ion AtH° (PC AN) 
kJ.mol'1
Li+ -2.42“ AsF6~ 0.64 c
Na+ -2.8 b bf4“ 0.97 c
K+ 1 o c
r
cf3so3" -0.62 c
Rb+ 0.3 b c i o r 1.60 d
Me4N+ 2.7 b c r -6.9 b
Ph4As+ 2.0 b Br“ -7.2 b
[Li+15C5] -3 .7 6 ° ,-6 .5 2  e r -6.0 b
[Li+1A12C4] -2.68 c, -6.82 c Ph4B “ 2.2 b
[Li+12C4] -6.82 d, -7.98 d’c
[Li+B12C4] -4.63 d, -0.63 d’e
“Ref. 126; bR ef.l42; cThis work, derived from solution data; dRef.67; 
T)ata derived via a thermodynamic cycle (eqn. 3.42).
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3.4.3. STANDARD ENTHALPIES OF COORDINATION.
Thermodynamic parameters o f coordination are referred to the process in which the 
product and reactants are in their pure physical state. Previous work in the solid state 
includes the calculation of the thermodynamic parameters o f coordination of 
metal(I)cryptates143, [M+2 .2 .2]C104; (M+=Na+, IC+ and Ag+); lanthanide (III) 
cryptates144, [M+32 .2 .2](CF3S03)3; (M+3=La+3, Pr+3 and Nd+3) and lithium coronates67, 
[Li+12C4]X~ and [LnBA12C4]X“, (X- =AsF<T> BF/~, CF3S 0 3_  and C104“) at 298.15 
K. As far as the lithium coronates are concerned it was concluded67 that the enthalpies 
o f coordination for processes involving 12C4 do not differ significantly from those o f 
BA12C4. The anion effect on the coordination process was found to follow the 
sequence, C104-  >  CF3S 0 3~  >  AsF6 >  BF4 . These values are included in Table 3.51.
The importance of deriving data for the coordination process is described as 
follows,
i) It provides information about the interactions of host and guest in the absence 
o f the solvent.
ii) For a given metal-ion salt and a given ligand (provided that no side reactions 
occur), the thermodynamic data referred to this process should be the same 
independently of the solvent (s) from which such data are derived. Therefore, 
the calculation o f AcoordP° (P°= G°, H° or S°) offers a suitable method to check 
the accuracy of the solution data.
iii) Thermodynamic data for the binding process in low dielectric media, which are 
difficult to derive mainly due to the formation o f ion-pairs in solution, can be 
calculated using solution data for the host, the guest and the complex in low 
dielectric media and from coordination data.
Standard enthalpies of coordination, ACoordH0 of [Li+CE]X calculated from the 
standard enthalpies of solution of lithium (Table 3.34) and lithium coronand salts
148
Chapter 3 Results and Discussion
(Table 3.49), the appropriate crown ether (Table 3.27), and corresponding data o f 
complexation in either solvent (acetonitrile or propylene carbonate)(TabIes 3.3, 3.4, 
3.6 and 3.7) can be inserted into eqn. 3.43,
ACOordH° =  ACH°(S) +  AsH°[LrtC](S) +  AsH°[CE](s) - AsH°[Li+CE]X“(s) 3 43 
to calculate the enthalpies o f coordination for the following processes:
LiAsF6(sol) + 15C5(1) [Lil5C5]AsF6(sol) 3.44
LiBF4(sol) + 15C50) —> [Lil5C5]BF4(sol) 3.45
LiCF3S 0 3(sol) + 15C50) — ^ [Lil5C5]CF3S 0 3(sol) 3.46
LiAsF6(sol) + lA12C4(sol) —> [Li 1A12C4] AsF6(so1) 3.47
LiBF4(sol) + lA12C4(sol) —> [LilA12C4]AsF6(sol) 3.48
LiCF3S 0 3(sol) + lA12C4(sol) —> [Li 1A12C4] CF3 S 0 3 (sol) 3.49
Thus, the enthalpies o f coordination of lithium coronand salts for the above processes 
are reported in Table 3.51.
Considering the number o f steps involved in the calculation of AC00rdHo data, a good 
agreement between the values derived from acetonitrile and propylene carbonate are 
found (Table 3.51). This corroborated the above statement in that for a given 
electrolyte and solvent, the ACOordH° should be the same independent of the solvent 
from which it is derived.
From data reported in Table 3.51 it can be concluded that;
i) Enthalpies o f coordination involving 15-crown-5 (liquid) are higher (more 
exothermic) than those involving l-aza-12-crown-4 (solid). This pattern is also
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found for the enthalpies of complexation o f lithium and these crown ethers in 
solution (Tables 3.6- 3.9)
ii) For 15-crown-5 and lithium salts an enhancement in stability (in enthalpic terms) is 
observed for the coordination process relative to the same process in solution 
(Tables 3 .6 -3 .8 )
iii) For l-aza-12-crown-4 and lithium salts (except lithium triflate), the enthalpic 
stabilities observed in the solid state are similar to those found in solution (Tables 
3.3 and 3.4).
iv)For l-aza-12-crown-4 (which has a NH group) and lithium triflate, AC001dHo is more 
negative than the corresponding data for LiBF4 and LiAsF6. This unusual behaviour 
is observed neither in the coordination data for this salt and 15-crown-5 (no 
nitrogen in its structure) (Table 3.51) nor in the coordination enthalpy values for 
cryptand-lanthanide complexes145 (ciyptand 2.2.2. has a tertiary amine in its 
structure). Since i) X-ray crystallographic studies146 o f the lariat ligand N-(p- 
tolylsulfonyl)-4,10,16-triaza-l,7,13-trioxacyclooctadecane-9-7-dione revealed the 
presence o f intramolecular hydrogen bond between the S—>0 group o f the side arm 
and the NH group of the macrocyclic ring of this ligand (Fig. 3.3) and ii) the
additional stability (~ 13 kJ.mol"3) observed in the AC00rdHo o f l-aza-12-crown-4 
and LiCF3S 03 relative to other lithium salts (LiBF4 and LiAsF6) is well within the 
range expected for hydrogen-bond formation. It seems reasonable to suggest that 
the higher enthalpic stability of l-aza-12-crown-4 with LiCF3S 0 3 relative to the 
other lithium salts in the solid state could be attributed to an intermolecular 
hydrogen bond formation (between the anion and the NH group o f the ligand).
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Fig. 3.3. Structure o f iV-(p-tolylsulfonyl)-4, 10, 16-triaza-l, 7, 13-
trioxacyclooctadecane-9-7-dione.
In solvents o f high dielectric constant and when the electrolyte solution is not too 
concentrated the fraction o f ion-pairs formed is very low and in these cases, it can be 
neglected. However, if the solvent dielectric constant decreases and becomes 
sufficiently low, the ion-ion interactions are more important than ion-solvent 
interactions and ion-pairs, even triple-ions or multiple clusters are formed147.
Interactions o f 12-crown-4 and 15-crown-5 with lithium in low dielectric media 
have been reported44'46,117. Thus, log Ks values of 12-crown-4 and lithium in 
tetrahydrofuran (s =  7 .58)148, dimethoxyethane (s =  7.15)60 and 1,3-dioxolane (s =  
6.86)60 o f 1.0117, 0.5446 and 3.2845; respectively, can only be regarded as ‘apparent’ 
values. The same applies to the values reported for lithium and 15-crown-5 at 298.15 
K  in 1,3-dioxolane44'45. As previously state147 reactions other than complexation may 
occur. Therefore, these results are misleading.
The availability o f coordination data allows the calculation o f thermodynamic data 
for the complexation process of crown ethers and lithium in low dielectric media. In 
the following section, the enthalpies of complexation o f lithium and 15-crown-5 in 
tetrahydrofuran at 298.15 K will be discussed.
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Table 3.51. Enthalpies o f coordination of lithium salts and crown ethers at 298.15 K 
in kJ.mol"3.
[LiCEJX AcoordH°
average
[Lil5C5]AsF6 -57.85“ -53.42b -55.64
[Lil5C 5]BF4 -47.76“ -46.41b -47.08
[Lil5C5]CF3S 0 3 -52.87“ -52.08b -52.47
[LilA12C4]AsF6 -20.51“ -14.19b
[LilA 12C 4]BF4
cn00•+t-H1 -13.34b -14.08
[LilA 12C4]CF3 S 0 3 -28.44“ -25.45b -26.94
[Lil2C4]AsF6 -52.04° -50.81d -51.43
[L il2C 4]BF4 -44.07° -45.15d -44.61
[Lil2C 4]CF3S 0 3 -56.27° -53.35d -54.81
[Lil2C4]C104 c -67.39° -64.69d -66.04
[LiBA12C4]AsF6 -52.61° -55.25d -53.93
[LiBA12C4]BF4 -47.96° -56.69d
[LiBA12C4]CF3S 0 3 -60.26° -56.38d -58.32
[LiBA12C4]C104 -76.63° -77.35d -76.99
"Derived from complexation data (Tables 3.3 and 3.4) and solution data (Tables 3.34 
and 3.49) in acetonitrile; bDerived from complexation data (Tables 3.6 and 3.7) and 
solution data (Tables 3.34 and 3.49) in propylene carbonate; cRef. 67 derived from 
complexation and solution data in acetonitrile; dRef. 67 derived from complexation 
and solution data in propylene carbonate.
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3.4.4. ENTHALPIES OF COMPLEXATION OF LITHIUM AND 15- 
CROWN-5 IN TETRAHYDROFURAN AT 298.15 K.
In solvents o f low dielectric constant, besides the complexation process (eqn. 3.50) 
ion-pair formation o f the single and complexed cation with the anion may occur (eqns. 
3.51 and 3.52). Thus, direct calorimetric measurements involves not only the heat 
associated with the complexation process, but may also involve that due to the 
formation of ion-pairs.
M (S) +  C E(S) ■ K" -•> M +C E(s) 3.50
+  x (s) Ka > M +X"(s) 3.51
M +C E(S) +  X (S) Ka > M +C EX '(S) 3.52
An indirect way to obtain the enthalpy associated with the process represented by 
eqn. 3.50 is through the combination of the enthalpy of coordination value with 
enthalpy of solution values for the crown ether, the uncomplexed and the complexed 
lithium. This approach was adopted to obtain the enthalpy of complexation o f the 
lithium cation and the crown ether in tetrahydrofuran (s =  7.58)148.
Data for the standard enthalpies of coordination, AC00rdHo for lithium salts (LiBF4 
and LiCF3S 0 3) and 15-crown-5 (Table 3.51), and the standard enthalpy o f solution for 
15-crown-5 in tetrahydrofuran at 298.15 K (Table 3.19) are available. Therefore, the 
standard enthalpies o f solution of lithium (LiBF4 and LiCF3S 0 3) and lithium coronand 
electrolytes ([L il5C 5]BF4, and [Lil5C5]CF3S 0 3) in tetrahydrofuran at 298.15 K  were 
determined by calorimetry. In all cases, corrections for the heat o f breaking o f empty 
ampoules in this solvent was applied. Thus, Tables 3.52 and 3.53 list enthalpies o f 
solution o f lithium tetrafluoroborate and lithium trifluoromethanesulfonate in 
tetrahydrofuran at 298.15 K; respectively. Enthalpies o f solution o f lithium coronand
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salts, [Lil5C5]BF4, and [Lil5C5]CF3SC>3, in tetrahydrofuran at 298.15 K are shown in 
Tables 3.54 and 3.55; respectively. It can be seen from these tables that no appreciable 
differences are observed in the ASH values with changes in the electrolyte 
concentration. Therefore, the average o f data given in these tables is taken as the 
standard enthalpies o f solution of these electrolytes in this solvent. Table 3.56 
summarises standard enthalpies o f solution of lithium and lithium coronand salts in 
tetrahydrofuran at 298.15 K.
Combination o f solution data for 15-crown-5, LiBF4 or LiCF3S 0 3 and coordination 
data (eqn. 3.29), values o f -1.97 and -5.69 kJ.mol'1 were calculated for the enthalpy o f 
complexation, ACH°, o f 15-crown-5 with LiBF4 and LiCF3S 0 3 in tetrahydrofuran at
298.15 K; respectively. Reasonable agreement was found between these values. 
However, these values differ significantly from the values obtained by direct 
calorimetric measurements (15-crown-5-LiBF4 =  -10.43 kJ.mol'1 and 15-crown-5- 
LiCF3S 0 3 =  -17.61 kJ.mol'1).
The most relevant change observed is that related with the enthalpy associated with 
the dissolution o f the lithium coronand electrolyte (endothermic) relative to that o f the 
lithium salt (exothermic). The results in tetrahydrofuran demonstrate that in moving 
from common lithium to lithium coronand electrolytes, the enthalpic stability o f the 
process decreases by -4 5  kJ.mol'1. This decrease is much more pronounced than that 
observed for the same system in either propylene carbonate or acetonitrile (~23 
kJ.mol'1) (Table 3.49). Calculation of the enthalpies of transfer for the uncomplexed 
and complexed lithium salts (Table 3.56) from propylene carbonate and acetonitrile to 
tetrahydrofuran show two opposite effects. Thus, AtH° o f lithium and the 
corresponding lithium coronand salts from propylene carbonate or acetonitrile to 
tetrahydrofuran (Table 3.56) demonstrate that as far as the uncomplexed lithium salts 
are concerned these are enthalpically more stable in tetrahydrofuran than in acetonitrile 
or propylene carbonate. Thus, considering that the crystal lattice, AciH°, is the same, 
the more negative enthalpy values observed in tetrahydrofuran could be due to the 
higher energy required to open a cavity in the solvent and are stronger over the solute-
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solvent interactions in this solvent relative to acetonitrile or propylene carbonate. The 
opposite is observed for the corresponding lithium coronand salts, which are 
enthalpically more stable in acetonitrile or propylene carbonate relative to 
tetrahydrofiiran
The differences in the enthalpies of complexation of lithium and 15-crown-5 in 
acetonitrile relative to tetrahydrofiiran can be calculated from
AcH 0(AN)-AcH 0(THF)=AtH0[Li+](AN-+THF)+AtH0[15C5](AN_>THF)-AtH0[Li+15C5](AN^ THF) 3 53
Taking into account that AtH° o f 15-crown-5 from acetonitrile to tetrahydrofiiran is 
negligible. Therefore, the differences in the enthalpies of complexation for lithium and 
15-crown-5 in these solvents can be expressed as follows,
A cH°(AN) - A cH°(THF) =  A tH°[Li+](AN->THF) - A tH°[Li+15C53(AN-+THF) 3 54
Eqn. 3.54, indicates that the difference in the ACH° values in acetonitrile relative to 
tetrahydrofiiran is determined by the solvation of the lithium and its lithium coronand 
complex in these solvents. The same pattern is observed in propylene carbonate.
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Table 3.52. Enthalpies of solution of lithium tetrafluoroborate (LiBF© in 
tetrahydrofuran at 298.15 K.
ca ASH
 ^ kJ-mol"^
1 .5 7 x l0 “3 -29.56
3.26 x lO"3 -29.86
4.38 x lO"3 -31.91
6.37 x lO-3 -32.54
8.28 x lO"3 -31.94
1.17 x 10"2 -29.92
Standard value, ASH° =  -30.96 ±1 .31  kFmol"4 
‘“Final concentration in the calorimetric vessel
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Table 3.53. Enthalpies o f solution of lithium trifluoromethanesulfonate (LiCF3S 0 3) in 
tetrahydrofuran at 298.15 K
ca
mol-dm"3
ASH
kJ*mol~l
9.36 x lO"4 -31.06
1.72 x 10-3 -29.56
2.38 x lO"3 -30.56
2.73 x 10-3 -29.79
4.41 x 10-3 -30.68
4.81 x lO"3 -29.36
5.41 x 10-3 -31.17
9.45 x lO'3 -29.53
1.22 x 10-2 -30.05
Standard value, ASH° =  -30.20 ±  0.69 kJ-mol"* 
“Final concentration in the calorimetric vessel
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Table 3.54. Enthalpies of solution of lithium 15-crown-5 tetrafluoroborate, 
[L il5C5]BF4 in tetrahydrofiiran at 298.15 K
c“
mol-dm"3
ASH 
kJ*mol"3
2.78 x 0“3 14.08
3.12 x 0"3 14.46
3.30 x 0-3 13.51
4.33 x 0-3 13.72
5.34 x O' 3 14.30
6.56 x 0-3 16.50
8.16 x 1—
4 
o
 1 u> 12.93
8.94 x O' 3 16.40
1.13 x 0-2 16.80
Standard value, ASH° =  14.74 ±  1.44 kJ-mol"3 
“Final concentration in the ealorimetric vessel
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Table 3.55. Enthalpies o f solution o f lithium 15-crown-5 trifluoromethanesulfonate, 
[Lil5C5]CF3S 0 3 in tetrahydrofuran at 298.15 K
c“
mol-dm-3
ASH 
kJ-mol"3
1.20 x lO"3 15.29
2.35 x 10-3 16.84
3.08 x 10“3 16.63
3.65 x 10“3 17.85
4.01 x 10-3 15.83
5.85 x 10“3 16.16
6.47 x 10-3 18.34
6.91 x 10' 3 16.82
8.52 x 10-3 18.88
1.28 x IQ"2 16.73
Standard value, ASH° =  16.94 ±  1.12 kJ*mol"l 
“Final concentration in the calorimetric vessel
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Table 3.56. Standard enthalpies of solution of crown ether, lithium and lithium 
coronand electrolytes in tetrahydrofuran and their transfer enthalpies from 
acetonitrile and propylene carbonate to tetrahydrofuran at 298.15 K.
Compound AsH°(ti-if)
kJ-moP*
AtH ° (AN—>THF) 
kJ-mol“*
AtH°(PC->THF)
kJ-mol"*
15C5 0 .66a 5.14b 3.79c
LiBF4 -30.96d -16.39e -15.02f
LiCF3S 0 3 -30.208 -14.611’ -17 .74 ’
[L il5C 5]BF4 14.74j 10.56k 7.451
[Lil5C 5]CF3S 0 3 16.94“ 7.91" 3.60°
“From table 3.19; ‘Calculated from ASH° (15C5) in AN (Table 3.17) and in THF 
(Table 3.19); °Calculated from ASH° (15C5) in PC (Table 3.18) and in THF (Table 
3.19); dFrom table 3.52; Calculated from ASH° (LiBF4) in AN (Table 3.29) and in 
THF (Table 3.52); Calculated from ASH° (LiBF4) in PC (Table 3.32) and in THF 
(Table 3.52); 8From table 3.53; Calculated from ASH° (LiCF3S 0 3) in AN (Table 3.30) 
and in THF (Table 3.53); Calculated from ASH° (LiCF3S 0 3) in PC (Table 3.33) and in 
THF (Table 3.53); jFrom table 3.54; Calculated from ASH° ([L il5C 5]BF4) in AN 
(Table 3.38) and in THF (Table 3.54); ’Calculated from ASH° ([L il5C 5]B F4) in PC 
(Table 3.44) and in THF (Table 3.54); “From table 3.55; "Calculated from ASH° 
([Lil5C 5]C F3S 0 3) in AN (Table 3.39) and in THF (Table 3.55); Calculated from 
ASH° ([Lil5C 5]C F3S 0 3) in PC (Table 3.45) and in THF (Table 3.55).
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3.5. S T R U C T U R A L  STUDIES O F  L I T H I U M - C R O W N  ETHERS.
3.5.1. *H NMR STUDIES: LITHIUM-CROWN ETHER INTERACTIONS
The thermodynamics of complexation of lithium and crown ethers in acetonitrile 
and in propylene carbonate reflect that these are referred exclusively to the 
complexation process, since, within the experimental error, the data are independent of 
the anion. In order to verify it further and 13C NMR studies for lithium salts and 
15-crown-5 and l-aza-12-crown-4 in CD3CN at 298 K were carried out. Smetana and 
Popov15 have reported 7Li NMR studies o f 15-crown-5 and lithium at 298 K, using 
perchlorate as the anion component of the electrolyte. NMR studies on lithium and 1- 
aza-12-crown-4 in acetonitrile have not been reported.
In Tables 3.57 and 3.58 the changes in the chemical shifts o f the protons in 15- 
crown-5 and l-aza-12-crown-4 upon complex formation with lithium in CD3CN are
presented. The !H NMR spectra of these crown ethers and their lithium complexes in 
CD3CN at 298 K  are shown in Figs. 3.3 and 3.4; respectively.
For the complexation of lithium with 15-crown-5, only one signal is observed in the 
XH NMR spectra (Fig. 3.4), suggesting that lithium is located at the centre o f the 
crown to give a symmetrical complex structure. The deshielding effects observed may 
be attributed to the interaction of lithium with the oxygen atoms o f the crown.
For l-aza-12-crown-4, the chemical shifts were assigned on the basis o f the 13C 
NMR spectrum o f 12-crown-4149 and nitrogen insertion increment150. As far as *H 
NMR studies o f lithium and l-aza-12-crown-4 (Fig. 3.5)are concerned, the largest 
proton shifts arising from the complexation of the crown with the cation are those 
corresponding to the methylene hydrogens adjacent to the nitrogen. This could be 
taken as evidence in favour o f a more marked interaction of the latter with the cation. 
However, the remaining protons also show a deshielding effect on complexation with 
lithium which indicates that to a lesser extent the oxygen atoms of the ring also interact 
with the cation.
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Table 3.57, A5 Values for the proton of 15-crown-5 in the presence o f lithium salts in 
CD3CN at 298 Ka.
Salt A8
p.p.m.
LiAsFg 0.08
LiBF4 0.09
LiCF3 S 0 3 0.09
aThe chemical shift for the protons of 15-crown-5 in CD3CN is 3.57 ppm.
Table 3.58. A5 Values for the protons o f l-aza-12-crown-4 in the presence o f lithium 
salts in CD3CN at 298 K
A8 (ppm)a
Salt H-l H-2 H-3 and H-4
LiAsF5 0.18 0.09 0.11
LiBF4 0.18 0.09 0.12
LiCF3 S 0 3 0.18 0.09 0.12
aThe chemical shifts (5) in ppm of the protons of l-aza-12-crown-4 in CD3CN are 
S(H-1) =  2.63, 8(H-2) =  3,51, and 8(H-3)(H-4) =  3.58
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f.S . 3,*S 3 +  3,2. 3.0 i . 8  Cc ff',W 2.,2.
( d )  '
Fig. 3 .4 .-1H NMR spectra o f 15~crown«5 complexes of (a) LiAsFg; (b) LiBF4; and (c) 
LiCF3S 0 3 with respect to the *H NMR spectrum o f the free ligand (d).
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Fig. 3.5.- !H NMR spectra o f l-aza-12-crown-4 complexes o f (a) LiAsF6; (b) LiBF4;
and (c) LiCF3S03 with respect to the !H NMR spectrum o f the free ligand
(d).
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3.5.2. 13C NMR STUDIES: LITHIUM-CROWN ETHER INTERACTIONS.
13
C resonance values corresponding to 15-crown-5 alone and in the presence of 
lithium salts (LiAsFe, LiBF4, and LiCF3S03) in CD3CN at 298 K are listed in Table 
3.59
As far as the proton decoupled 33C spectrum of 15-crown-5 in CD3CN at 298 K is 
concerned, the data reported in Table 3.59 for 15-crown-5 shows only one signal at
71.20 ppm. Although a deshielding effect would be expected for the carbon atoms 
adjacent to the oxygens when these interact with lithium, upfield shifts are found as a 
result o f the predominant field effect o f the cation. Both 13C and ‘H NMR (Tables 
3.57 and 3.59) data clearly indicate that the changes observed in the chemical shifts 
upon complexation with lithium are independent of the anion component o f the salt as 
suggested from the thermodynamic data show in Tables 3.3, 3.4, 3.6 and 3.7.
The i3C resonance values corresponding to l-aza-12-crown-4 alone and in the 
presence o f lithium salts in CD3CN at 298 K are listed in Table 3.60. For l-aza-12- 
crown-4 the chemical shifts were assigned on the basis of the 13C NMR spectrum of 
12-crown-4 and nitrogen insertion increment. The NMR spectrum of l-aza-12- 
crown-4 (discussed above) seems to be supported by the 13C signal shifts o f the ligand 
in the presence o f the salt. The relatively large influence shown by the resonance of C- 
1 might perhaps be the result o f a conformational change required by the ligand to 
adopt the appropriate geometry required for complexation. As a result the carbon next 
to the oxygen atom opposite to the nitrogen is affected.
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Table 3,59. A5 Values for the carbons of 15-crown-5 in the presence of lithium salts 
in CD3CN at 298 k “-
A5
Salt (ppm)
LiAsFr, -2.08
LiBF4 -2.09
U CF3SO3 -2.08
aThe proton decoupled 33C of 15-crown-5 in CD3CN at 298 K shows one 
chemical shift (6) at 71.20 ppm.
Table 3.60. A5 Values for the carbons of l-aza-12-crown-4 in the presence o f lithium 
salts in CD3CN at 298 K
carbon
A5 (ppm)a 
[LiBF4] [LiCF3S 0 3] [LiAsF6]
C -l -2.45 -2.51 -2.53
C-2 -1.69 -1.69 -1.74
C-3 -1.97 -2.05 -2.05
C-4 -3.02 -2.97 -2.93
“The chemical shifts (A5) in ppm of the carbons of l-aza-12-crown-4 in CD3CN at
298 IC are 6(C-1) =  48.71; 6(C-2) =  69.09; 5(C-3) =  69.71; and 5(C-4) =
71.08.
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3.6. C O N D U C T A N C E  STUDIES O F  L I T H I U M  A N D  L I T H I U M  
C O R O N A N D  E L E C T R O L Y T E S  IN P R O P Y L E N E  
C A R B O N A T E  A T  298.15 K
In order to corroborate the conclusion derived from solution thermo chemical 
studies in that the lithium coronand electrolytes are less solvated than their 
corresponding uncomplexed lithium salts and consequently, the addition of crown 
ethers to lithium salts may have an important implication on the conductivity o f these 
electrolytes in this solvent, conductimetric titrations studies of LiBF4 and LiCF3S 0 3 
with 15-crown-5 and l-aza-12-crown-4 in propylene carbonate at 298.15 K were 
undertaken.
Since this work involves conductivity measurements, some o f the principles 
involved in this technique as well as the theory used to derive relevant data are 
outlined.
3.6 .1 . CONDUCTANCE
Ohm’s law states that the current I flowing through a conductor o f resistance R  is 
related to the potential difference, V by;
V =  I . R  3.55
where,
R  =  p  — 3.56
H A
In eqn. 3.56, p, denotes resistivity, and 1 and A are the length and the cross-sectional 
area of the conductor; respectively.
When dealing with electrolyte solutions, conductivity is used. The conductivity or 
specific conductance, k, is the inverse o f resistivity. Therefore, eqn. 3.56 can be 
expressed as follows,
R  =  -  3.57
k  A
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Then,
k  =  — . — 3.58
R  A
For the determination o f the cell constant (1/A or 0) a solution o f known specific 
conductance is used. Once the cell constant is determined the specific conductance for 
an unknown solution can be evaluated from a measured value of the resistance, R. The 
conductance G of a solution is the inverse of its resistance, so if R  is expressed in 
ohms, JQ, the conductivity of the sample is expressed in H '1. The reciprocal o f the ohm 
is referred as the mho, but the recommended notation is now the siemen, S.
In dealing with electrolyte solutions, the conductivity is currently expressed as a molar 
quantity. Thus, the molar conductivity is given by;
a  K ' 1 0 0 0  qA m -  --------------------------------------- 3.59
c
where c is the molar concentration of the solution (moldin'3) and the units o f A are 
S. cm2, mol'1.
The determination o f the cell constant is first discussed.
3.6.2. DETERMINATION OF THE CELL CONSTANT
The determination of the cell constant was carried out as indicated in the 
experimental section. Table 3.61 shows the specific conductances of potassium 
chloride in water, at various concentrations, as well as the cell constant (0) values at 
these concentrations at 298.15 K.
In the following section, the treatment of conductance data to calculate the molar 
conductance at infinite dilution, Am°, the ion-pair formation constants o f the single and 
the complexed electrolytes and the stability constant of the lithium and crown ethers in 
acetonitrile and propylene carbonate at 298.15 K is discussed.
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Table 3.61. Conductance for potassium chloride in water at 298.15 K for the 
determination of the cell constant.
Weight of solution G [KCI] 0
g S mol.dm'3 cm'1
1,285 1.599 x 10'3 1.274 x 10'3 0.1171
1.140 2.974 x 10'3 2.376 x 10'3 0.1164
1.166 4.322 x 10'3 3.480 x 10'3 0.1165
1.219 5.696 x 10'3 4.617 x 10'3 0.1164
1.259 7.050 x 10'3 5.743 x 10'3 0.1167
1.205 8.304 x 10'3 6.807 x 10'3 0.1170
1.220 9.539 x 10'3 7.858 x 10'3 0.1171
1.166 10.73 x 10'3 8.841 x 10'3 0.1168
1.055 11.73 x 10'3 9.712 x 10'3 0.1171
1.180 12.82 x 10'3 1.067 x 10'3 0.1174
1.265 13.98 x 10'3 1.167 x 10'3 0.1175
1.079 14.92 x 10'3 1.251 x 10*3 0.1177
1.560 16.26 x 10'3 1.369 x 10'3 0.1180
1.247 17.29 x 10'3 1.461 x 10'3 0.1181
The average value o f the conductivity cell constant is, 0 =  0.1171 ±  0.0006 cm'1.
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3.6.3. TREATMENT OF CONDUCTANCE DATA
Conductance measurements were used to determine equilibria data for the 
processes, (eqns. 3.60, 3.62 and 3.63).
i) Ion-pair formation between Li+ and the anion in the appropriate solvent.
Li +(j) +  X “w K“ > L i+X “(s) 3.60
The equilibrium constant, Ka for this process is defined by,
i<a = aLi' x ~ = [Ll+ x l r t i.: x : . _  3.61
aLi+ a x-  [Li+ ] [ x " ] . r Li+ r x -
ii) Complexation o f Li+ and the crown ether in the solvent.
Li +(s) +  C E(S) - ± - 0  [ L i+CE](S) 3.62
where the stability constant ICS has been defined previously (eqn. 3.20)
iii) Ion-pair formation between the lithium coronand cation and the anion.
[L i+CE](s) +  X " w  Ka > [Li+C E ]X ~(s) 3.63
This is equilibrium is defined by,
K . =  a [Lit CE]X- =  [L i+ C E ]X - .y[Li+C E]x- 3 ^
a [Li+ C E ]a X ‘ [Li+ C E].[X‘ ].y [Lj+CE]X  x -
In eqns. 3.60-3.64 Li+, [Li+CE], X ” , CE and s denote the lithium cation, the 
complexed lithium cation, the anion, the crown ether and the solvent; respectively. For 
data treatment, the method developed by Salomon e t .a l61 was applied.
For the calculation o f the concentrations of all species involved in eqns 3.60, 3.62 
and 3.63, the activity coefficients of neutral species were taken as unity, and for
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charged species the mean molar activity coefficients were calculated from the Debye- 
Hiickel equation,(eqn. 3.65)
log r+  =  ------ —r= 3.65
i  +  r t b 4 i
where A and B are the Debye-Hiickel constants, Ry was taken as the Bjerrum distance 
q in all calculations (for propylene carbonate at 298.15 K, q= 0.431 nm), and I is the 
ionic strengh of the solution defined on the molar scale for all charge species. To 
derive data for ion concentrations, mass and charge balances were used. The basic 
relation obtained for the cation concentration is the 5th order polynomial equation 
described as follows,
5
e m m t  =  0 366
1=0
where b0 are constants containing the equilibrium constants Ka, Ks and K’a (eqns. 3.61,
3.20 and 3.64) and the total concentrations [MX] and [L]. Eqn. 3.66 was solved by 
the Newton-Raphson iteration method151.
The system is treated as a combination of two independent salts, the uncomplexed 
and the complexed salts. The total molar conductivity, A, of the solution is therefore 
the sum of the contributions from the single, (A^, and the complexed (A2) electrolytes. 
In addition, the ion-pair formation of both the simple and the complexed cation is 
considered. Therefore, the Fuoss-Hsia152 conductivity equation with the Fernandez- 
Prini and Justice153 expansion was used to calculate the molar conductivity, A,
A =  +  (1 - <2*)A2 3.67
where
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A, =  a 1{A1° - 5 1V7 + £ 1/ln / + J 11(fi1) / - J 21(«2) /3'2} 3.68
and
A2 = a 1{A 2° - S 24 I  +  E2n n I + J n (Riy - J 22(R2)IM)  3.69
In eqns. 3.68 and 3.69, S denotes the coefficient of the limiting law, E  depend on 
the properties of the solvent and the charge on the ions, Jn  and Jn  depend on the same 
parameters but are also function of the ion size.
a*, oti and a 2 are the fraction of free cation, the degree of dissociation of M+X and 
the degree of dissociation of ML+X . They are expressed as follows,
a . J M A  _ W A  -   3 7o
[JT ] 1 +  2 [ML+] + [MLX]
In all calculations, the Bjerrum distance q was taken as Rj. The remaining variable 
parameters for the ternary system, A2°, Ks, K'a and R2 were adjusted by the ‘grid- 
search’ method154. In this method Ai° and Ka are fixed as described above and values 
for the variable parameters A2°, Ks, K'a and R2 are initially selected arbitrarily, and then 
adjusted in a manner which minimises the variance U is defined by,
u  =  Z ( A obsd- A C(lto;) 2 3.71
11=1
According to Sillen155, the shape of a plot against one of the variable parameters 
keeping the remaining parameters constant, is described as a ‘pit’ with a minimum 
value Uo. The standard deviation for each variable is obtained from the contour of the 
pit from
U =  U0(l H I —) 3.72
n — N
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where n is the total number of data and N are the degrees of freedom. For a given 
variable, k , the best value occurs at U=Uo . All standard deviations reported below 
were computed in this manner.
Using the conductance data, the limiting molar conductivities, Am°, (S.cm2.mol'1) 
(calculated after correcting for the contribution from the pure solvent), stability 
constant (eqn.3.62), and the ion-pair formation constants of the lithium and lithium 
coronand solutions (eqns. 3.60 and 3.63) in propylene carbonate at 298.15 K were 
calculated using TURBO BASIC programs.
3.6.4. CONDUCTANCE MEASUREMENTS OF LITHIUM AND LITHIUM- 
CORONAND SALTS IN PROPYLENE CARBONATE AT 298.15 IC
Molar conductance data for lithium tetrafluoroborate (LiBF4) and lithium 
trifluoromethanesulfonate (LiCF3S0 3 ) as a function of the concentration (mol.dm*3) are 
shown in Tables 3.62 and 3.63, respectively. The corresponding conductimetric curves 
are shown in Figs.3.6 and 3.7. These data were used to calculate the limiting molar 
conductances, A°n», for lithium salts, the ion-pair formation constants, Ka, (eqn. 3.60) 
and the ion-size parameter for these electrolytes in propylene carbonate at 298.15 K. 
These results are shown in Table 3.64. The Am° values for LiAsFe and LiC104 from 
the literature are also included in this table. The small Ka values obtained for these 
electrolytes in propylene carbonate at 298.15 K reflect that these are fully dissociated 
in this solvent. The limiting molar conductivities obtained for these common lithium 
salts in this solvent are anion dependent. A decrease in the limiting molar 
conductances is observed in the following sequence,
L i B F 4 >  L i C i 0 4> L i C F 3 S 0 3 > L i A s F 6 .
which is the opposite to the sequence of the molecular weight of the anion (AsF6~ > 
CF3SO3 > C104 > b f4 ,
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Table 3.62. C o n d u c t a n c e  m e a s u r e m e n t s  o f  l i t h i u m  t e t r a f l u o r o b o r a t e  i n  p r o p y l e n e  
c a r b o n a t e  a t  2 9 8 . 1 5  K
c  x  1 0 3 A
m o l . d m ' 3 S .  c m 2 , m o l ' 1
0 . 7 0 5
1 . 5 3 2
2 . 1 7 9
2 . 8 2 7
3 . 4 0 0
4 . 0 7 3
4 . 7 4 2
5 . 4 2 2
6 . 0 7 1
6 . 5 8 1
7 . 0 2 3
7 . 5 2 5
8 . 0 0 8
8 . 4 2 6
8 . 9 6 3
9 . 4 6 1
9 . 8 1 0
1 0 . 3 5 0
2 8 . 2 4
2 7 . 7 8  
2 7 . 4 9  
2 7 . 2 7  
2 7 . 0 7  
2 6 . 8 5  
2 6 . 6 5
2 6 . 4 4
2 6 . 2 5  
2 6 . 1 4  
2 6 . 0 3  
2 5 . 8 9
2 5 . 7 9  
2 5 . 6 8  
2 5 . 5 4
2 5 . 4 4  
2 5 . 3 4  
2 5 . 2 4
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Table 3.63. C o n d u c t a n c e  m e a s u r e m e n t s  o f  l i t h i u m  t r i f l u o r o m e t h a n e s u l f o n a t e  i n  
p r o p y l e n e  c a r b o n a t e  a t  2 9 8 . 1 5  K
c  x  1 0 3 
m o l . d m ' 3
A
S .  c m 2 , m o l ' 1
0 . 7 6 0 2 4 . 3 3
1 . 4 7 2 2 3 . 9 8
2 . 1 9 7 2 3 . 6 2
2 . 8 9 5 2 3 . 3 4
3 . 6 0 8 2 3 . 0 1
4 . 2 4 5 2 2 . 7 9
4 . 8 6 8 2 2 . 5 7
5 . 6 8 5 2 2 . 2 9
6 , 2 5 3 2 2 . 0 9
6 . 8 1 4 2 1 . 9 3
7 . 4 0 2 2 1 . 7 7
7 . 9 4 9 2 1 . 6 2
8 . 4 5 3 2 1 . 4 8
8 . 9 5 9 2 1 . 3 3
9 . 4 8 9 2 1 . 2 1
1 0 . 0 3 9 2 1 . 0 5
1 0 . 5 2 0 2 0 . 8 9
11.001 2 0 . 7 6
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C h a p ter  3 R esu lts  a n d  d iscu ss ion
s q r  [  L i  ]
Figure 3.6. C o n d u c t i m e t r i c  t i t r a t i o n  o f  l i t h i u m  t e t r a f l u o r o b o r a t e  i n  p r o p y l e n e  
c a r b o n a t e  a t  2 9 8 . 1 5  K .
s q r  [ L i ]
F i g u r e  3 . 7 .  C o n d u c t i m e t r i c  t i t r a t i o n  o f  l i t h i u m  t r i f l u o r o m e t h a n e s u l f o n a t e  i n  p r o p y l e n e  
c a r b o n a t e  a t  2 9 8 . 1 5  K .
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Table 3.64. Molar conductances and ion-pair formation constants of lithium 
electrolytes in propylene carbonate at 298.15 K
Electrolytes A°in Ka Rd aA°
S.cm2.mol' 1 nm S. cm2, mol’ 1
Li+AsF6_ 22.53“ 0.43 0.19
Li4BF4~ 28.57 0.29 1.06 0.01
28.87b 0.17 7.31 0.01
Li+CF3S03_ 24.27 1.91 1.19 0.02
24.01b 4.99 7.50 0.18
Li+e i0 4~ 26.75° 1.3 0.55 0.01
aRef. 151; bRef. 67; °Ref. 156; dR fixed at the Bjerrum distance 0.43 nm for
propylene carbonate at 298.15 K
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Molar conductance data obtained by the addition of 15-crown-5 and l-aza-12- 
crown-4 to lithium tetrafluoroborate in propylene carbonate at 298.15 K are listed in 
Tables 3.65 and 3.66. Table 3.67 and 3.68 list molar conductance data for these 
crowns and lithium trifluoromethanesulfonate in the same solvent at the same 
temperature. Corresponding titration curves for these crowns and these lithium salts in 
propylene carbonate at the standard temperature are shown in Figs. 3.8-3.11. These 
figures clearly show that by the addition of crown ethers to lithium salt solutions to 
form the lithium coronand complex (less solvated electrolyte) a significant increase in 
the conductance is observed as predicted from solution thermochemical studies of 
these electrolytes in this solvent. The conductimetric titration curves also show that a 
1:1 stoichiometry complex is formed. Table 3.69 reports the molar conductance at 
infinite dilution, Am°, the ion-pair formation constants for the lithium coronand 
electrolytes, K'a, and the stability constant, Ks, of lithium salts and crown ethers in 
propylene carbonate at 298.15 K. The computer program developed by Salomon et. 
al.61 described above was used in order to derive these parameters. As far as ion-pair 
formation constants for lithium coronand electrolytes are concerned they were found 
to be very small and therefore, it can be concluded that these new electrolytes are fully 
dissociated in propylene carbonate. Another important aspect to emphasise from Table 
3.69 is the reasonable agreement found between the stability constant values for these 
systems derived from conductance measurements and those obtained calorimetrically; 
particularly for the complexation of lithium with l-aza-12-crown-4 (log Ks=3.69) and 
15-crown-5 (log Ks=4.23), where these log Ks values derived from conductance 
measurements are in excellent agreement with those obtained calorimetrically (see 
Tables 3.4 and 3.7, pages 107 and 113; respectively).
Conductance data from literature involving 12-crown-4 and l-benzyl-l-aza-12- 
crown-4 and different lithium salts are also included in Table 3.69.
As far as limiting molar conductivity values are concerned, these unambiguosly 
show that the conductance of lithium coronand electrolytes (Table 3.69) is higher 
relative to corresponding data for uncomplexed lithium electrolytes (Table 3.64). This
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is best illustrated in the single-ion molar conductances, X+°, values for lithium and 
lithium coronand electrolytes in propylene carbonate at 298.15 K listed in Table 3.70. 
For a given crown ether the Am° data obtained for these lithium coronand salts in 
propylene carbonate seems to be anion dependent following the same pattern as the 
common lithium salts.
No differences in the single-ion molar conductance values of the lithium coronand 
cation in propylene carbonate were found (Table 3.70). However, these values are 
higher than that for the free lithium cation, indicating that the complexed lithium 
coronand cations are much less solvated in this solvent than the uncomplexed lithium 
cation, as thermodynamic studies demonstrated previously (section 3.4.2.7). The 
higher conductivity of the new electrolytes can be applied in the development of 
lithium batteries. As far as the anions are concerned the X+° are higher than that 
observed for the cations, suggesting that these are less solvated than the cations in this 
solvent157.
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Table 3.65. Conductance measurements of 15-crown-5 with lithium tetrafluoroborate 
in propylene carbonate at 298.15 K
15C5 
cx  103 
mol. dm"3
LiBF4 
c x 103 
mol. dm"3
A
S. cm2, mol'1
0,555 10.24 25.40
1.124 10.13 25.57
1.667 10.02 25.73
2.238 9.906 25.90
2.791 9.796 26.07
3.312 9.691 26.23
3.873 9.579 26.40
4.416 9.471 26.57
4.962 9.362 26.73
5.421 9.271 26.86
5.895 9.176 27.03
6.367 9.082 27.18
6.915 8.972 27.36
7.312 8.893 27.49
7.841 8.787 27.67
8.355 8.685 27.80
8.873 8.581 27.91
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Table 3.66, Conductance measurements of l-aza-12-crown-4 with lithium 
tetrafluoroborate in propylene carbonate at 298.15 K.
1A12C4 LiBF4 A
c x 103 cx  103 S.cnF.mol'1
mol.dm'3 mol.dm"3
0.706 9.654 25.24
1.309 9.536 25.39
2.023 9.396 25.61
2.661 9.271 25.80
3.248 9.156 25.98
3.771 9.053 26.12
4.315 8.946 26.29
4.869 8.838 26.46
5.464 8.721 26.63
6.032 8.610 26.81
6.570 8.504 26.96
7.048 8.410 27.10
7.570 8.308 27.22
8.099 8.204 27.35
8.575 8.111 27.42
9.061 8.015 27.48
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Table 3.67. Conductance measurements of 15-crown-5 with lithium 
trifluoromethanesulfonate in propylene carbonate at 298.15 K.
15C5 
cx  103 
mol. dm'3
LiCF3S03 
c x 103 
mol. dm'3
A
S. cm2, mol'1
0.700 11.038 20.48
1.362 10.900 20.72
1.925 10.783 20.93
2.621 10.638 21.18
3.299 10.497 21.43
3.928 10.367 21.66
4.565 10.234 21.91
5.136 10.115 22.12
5.747 9.989 22.36
6.363 9.860 22.60
6.931 9.742 22.83
7.512 9.621 23.05
8.105 9.498 23.29
8.691 9.376 23.49
9.219 9.266 23.64
9.708 9.165 23.72
10.162 9.071 23.75
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Table 3.68. Conductance measurements of l-aza-12-crown-4 with lithium 
trifluoromethanesulfonate in propylene carbonate at 298.15 K.
1A12C4 
c x  103 
mol.dm'3
UCF3SO3 
c x 103 
mol.dm’3
A
S.cmumol'1
0.663 10.858 20.97
1.313 10.717 21,18
1.909 10.589 21.43
2.500 10.461 21.62
3.066 10.339 21.77
3.679 10.207 21.96
4.245 10.089 22.12
4.770 9.971 22.26
5.323 9.852 22.40
5.956 9.715 22.60
6.543 9.588 22.79
7.071 9.474 22.96
7.651 9.349 23.14
8.142 9.243 23.28
8.604 9.143 23.38
9.117 9.032 23.50
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C h a p te r  3 R esu lts  a n d  d iscu ss ion
[ 1 5 C 5 ] / [ L i ]
Figure 3.8. Conductimetric titration of 15-crown-5 and lithium tetrafluoroborate in 
propylene carbonate at 298.15 K.
[ 1 A 1 2 C 4 ] / [ L i ]
Figure 3.9. Conductimetric titration of 1-aza-12-crown-4 and lithium 
tetrafluoroborate in propylene carbonate at 298.15 K.
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C h a p te r  3  R esu lts  a n d  d iscu ss ion
[15C5]/[Li]
Figure 3.10. Conductimetric titration of 15-crown-5 and lithium 
trifluoromethanesulfonate in propylene carbonate at 298.15 K.
[1A12C4]/[Li]
Figure 3.11. Conductimetric titration of 1-aza-12-crown-4 and lithium
trifluoromethanesulfonate in propylene carbonate at 298.15 K.
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Table 3.69. Molar conductances and ion-pair formation constants of lithium coronand 
electrolytes in propylene carbonate at 298.15 K Stability constants of 
lithium and crown ethers in propylene carbonate at the standard 
temperature.
New Electrolytes a2°
S. cm2, mol'1
K'a R2a
nm
aA log Ks
[Lil5C5]BF4 31.06 0.88 0.01 4.31+0.03
[Lil5C5]CF3S03 27.14 - 0.77 0.01 4.23±0.09
[Lil5C5]C104b 27.40 - - - 4.2
[LilA12C4]BF4 30.83 - 1.09 0.01 3.69+0.01
[LilA12C4]CF3S03 26.73 - 0.84 0.03 3.74+0.01
[Lil2C4]AsF6 c 26.59 - - 0.01 2.52
[Lil2C4]BF4 c 32.40 0.10 0.43 0.98 2.44
[Lil2C4]CF3S03 0 25.90 - 0.84 0.01 -
[Lil2C4]C104 c 28.91 - - 0.08 2.90
[LiB12C4]AsF6 c 29.94 - 0.97 0.01 -
[LiB12C4]BF4 c 32.94 - 1.14 0.03 4.33
[LiB 12C4]CF3S03 c 27.12 - 0.18 0.05 -
[LiB12C4]C104 c 31.77 - - - -
aR2 fixed at the Bjerrum distance 0.43 nm for propylene carbonate at 298.15 K; bRef. 
38; cRef. 67.
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Table 3.70. Single-ion molar conductances in propylene carbonate at 298.15 K
Cation X+°
S. co/mol'1
Average Anion X.°
S. cm2, mol'1
Li+ 7.86a b f 4" 20.71
[Li+1A12C4] 10.12b 10.22 CF3SO3" 16.41
10.32°
[Li+15C5] 10.35d 10.54 C104" 18.89a
10.73° AsF6~ 14.67a
[Li+12C4] 10.89f
aRef.l56; bcalculated from A°[Li+lA12C4]BF4 ; Ccalculated from 
Ao[LiTA12C4]CF3S03- ; "Calculated from A°[LiT5C5]BF4_; "calculated from 
A°[Li+15C5]CF3S03_; fRef. 67.
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4. CO N CLUSIO N S
a) From thermodynamic studies on interactions of crown ethers and lithium in 
acetonitrile and in propylene carbonate at 298.15 K the following conclusions can be 
derived
i) The complexation of l-aza-12-crown-4 and lithium in acetonitrile and in 
propylene carbonate at 298.15 K is enthalpically and entropically favoured and in 
acetonitrile the process is enthalpy controlled.
ii) The higher complex stability observed for Li+-1A12C4 in acetonitrile relative to 
propylene carbonate may be attributed to the higher solvation of Li+ in propylene 
carbonate relative to acetonitrile. Thus, the differences observed in the stability 
of these complexes in these solvents are mainly due to the differences in 
solvation of this cation in acetonitrile and in propylene carbonate.
iii) The complexation of 15-crown-5 and lithium cation in acetonitrile and in 
propylene carbonate is enthalpy controlled.
iv) For 4'-aminobenzo-15-crown-5 and 4'-nitrobenzo-15-crown-5 the complexation 
with lithium in acetonitrile are enthalpically and entropically favoured. Higher 
complexation stability constant values were found for the former relative to the 
latter ligand, which may be due to the effect of the N 02 group (electron 
withdrawing) relative to the NH2 group.
v) The complex stability of 15-crown-5 and lithium is slightly higher than that 
observed for the same cation and l-aza-12-crown-4. This can be explained by 
the greater desolvation of lithium upon complexation with l-aza-12-crown-4 
relative to 15-crown-5. This is reflected in the more positive entropy value for 
the former relative to the latter ligand.
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vi) The standard enthalpies of solution of solid crown ethers show that unlike crown
ethers in the liquid state, where the process is slightly exothermic, for the 
former is endothermic. The differences observed mainly reflect the energy 
input (endothermic process) associated with the melting for the ligands in the 
solid state.
vii) The standard enthalpies of solution of common lithium salts show that the 
dissolution of these salts takes place with a release of energy (exothermic 
process). This indicates that for these electrolytes the solvation predominates 
over the crystal lattice process.
viii) Lithium coronand electrolytes are less solvated in acetonitrile and in propylene 
carbonate than common lithium salts and this have significant implications on 
the conductivity of these electrolytes in these solvents.
ix) Lithium coronand electrolytes are better solvated in acetonitrile than in 
propylene carbonate. Consequently, the latter solvent is likely to offer a better 
conducting medium than acetonitrile.
x) For 15-crown-5 and lithium an enhancement in the enthalpy is observed for the 
coordination process relative to the same process in solution. For l-aza-12- 
crown-4 (except for lithium trifluoromethanesulfonate) the enthalpic stabilities 
observed in the solid state are similar to those found in solution.
xi) The enthalpy of complexation values for 15-crown-5 and lithium in 
tetrahydrofiiran were derived using coordination and solution data. The 
differences in the enthalpy of complexation values in acetonitrile or propylene 
carbonate relative to tetrahydrofiiran is determined by the solvation of the lithium 
and its lithium coronand complexes in these solvents.
b) From conductance measurements, it is concluded that
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C onclusions
Addition of crown ethers to lithium solutions in propylene carbonate, a significant 
increase in the conductivity was observed. As predicted from solution 
thermochemical studies this is due to the lower solvation of the lithium coronand 
with respect to the uncomplexed cation in this solvent. A good agreement was 
found between the stability constant values for these systems derived from 
conductance measurements and those obtained calorimetrically.
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Suggestions
5. SUGGESTION S FO R  FU R T H E R  W O R K
i) Thermodynamic and conductimetric studies of the interactions of other 
macrocyclic ligands (crown ethers, cryptands, calixarenes) and lithium salts 
containing different anions in various dipolar aprotic solvents and in a mixture 
of solvents.
ii) Heat capacity measurements to assess the temperature effect on complexation 
and solution processes in different solvent systems.
iii) Determination of the enthalpy of complexation of macrocyclic ligands and 
lithium cation a variety of solvents of low permittivity, using coordination and 
solution data.
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